PYRIDINE COMPLEXES OF ANHYDROUS METAL-NITRATES by BIAGETTI, RICHARD VICTOR
University of New Hampshire
University of New Hampshire Scholars' Repository
Doctoral Dissertations Student Scholarship
Summer 1966
PYRIDINE COMPLEXES OF ANHYDROUS
METAL-NITRATES
RICHARD VICTOR BIAGETTI
Follow this and additional works at: https://scholars.unh.edu/dissertation
This Dissertation is brought to you for free and open access by the Student Scholarship at University of New Hampshire Scholars' Repository. It has
been accepted for inclusion in Doctoral Dissertations by an authorized administrator of University of New Hampshire Scholars' Repository. For more
information, please contact nicole.hentz@unh.edu.
Recommended Citation
BIAGETTI, RICHARD VICTOR, "PYRIDINE COMPLEXES OF ANHYDROUS METAL-NITRATES" (1966). Doctoral
Dissertations. 821.
https://scholars.unh.edu/dissertation/821
This dissertation has been 
microfilmed exactly as received 66-8087
BIAGETTI, Richard V ictor, 1940- 
PYRIDINE COMPLEXES OF ANHYDROUS 
METAL NITRATES.
U niversity of New H am pshire, Ph.D., 1966 
C hem istry, inorganic




BV > * '
RICHARD Vf BIAGETTI
B. S., Providence College, 1960 
M. S., Providence College, 1962
A THESIS
Submitted to the University of New Hampshire 
In Partial Fulfillment of 
The Requirements for the Degree of 




This thesis has been examined and approved.




The author wishes to express his sincere gratitude to 
his research, director, Dr. Helmut M. Haendler, who has 
been a constant source of inspiration; Dr. James A. Weber 
for his many suggestions; and to Miss Anne C. Kohl and 
Mrs. Pearl D. Libby for their help in preparing the manu­
script .
The author is also grateful for the financial 
assistance of the National Science Foundation and the 
University of New Hampshire.
TABLE OF CONTENTS
Page
LIST OF TABLES....................................  vii
LIST OF FIGURES.........................   viii
I . INTRODUCTION. ......    - 1
II. EXPERIMENTAL...............    '....... 4
A. Starting Materials...............    4
B. Preparation of the Complexes and Thermo- 
gravimetric Analyses...............   4
1. Copper(II) Nitrate Complexes...... ..... 4
a. Preparation of Dinitratotetrakis- 
(pyridine)copper(II), [Cu(pyr)4 (N03) 2] 4
b. Preparation of Dinitratotetrakis- 
(pyridine)copper(II) dipyridine,
' . [Cu(pyr)4 (N03)2] .2pyr .......... 5
c. Thermogravimetric Analysis of Di- 
nitratotetrakis(pyridine)copper(II) 
dipyridine...........................  5
d. Thermogravimetric Analysis of Di- 
nitratotetrakis(pyridine)copper(II). 6
e. Preparation of Dinitratobis(pyri-
dine)copper (II) , [Cu(pyr)2(N03)2] ... 6
f. Reaction of Dinitratobis(pyridine)- 
copper(II) with Pyridine............ 7
2. Nickel (II) Nitrate Complexes........... 7
a. Preparation of Dinitratotris(pyri- 
dine)nickel(II), [Ni(pyr)3 (N03)2] ... 7
b. Preparation of Dinitratotris(pyri- 
dine)nickel(II) tripyridine, 
[Ni(pyr)3 (N03)2] *3pyr............. :. 9
c. Thermogravimetric Analysis of Di­
nitratotris (pyridine)nickel(II) 
tripyridine......................   10
d. Thermogravimetric Analysis of Di­
nitratotris (pyridine)nickel(II)  10
iv
Table of Contents continued -
Page
e. Attempted Preparations of a Di­
pyridine Complex of Nickel(II)
Nitrate...............................  11
3. Cobalt (II) Nitrate Complexes............  12
a. Preparation of Dinitratotris(pyri- 
dine)cobalt(II) , [Co(pyr)3 (NO^^J • • • 12
b. Preparation of Dinitratotris(pyri­
dine) cobalt(II) tripydine,
[Co(pyr)3 (N03)2] *3pyr............  13
c. Thermogravimetric Analysis of Di­
nitratotris (pyridine)cobalt(II) 
tripyridine..........................  13
d. Thermogravimetric Analysis of Di­
nitratotris (pyridine) cobalt (II)  14
e. Attempted Preparations of a Dipyri­
dine Complex of Cobalt(II) Nitrate.. 14
C. Analyses...............    15
D. X-ray Powder Diffraction Photographs........  16
E. Infrared Spectra..............................  16
F. Conductivity Measurements....................  17
G. Magnetic Measurements........................  18
H. Visible and Near-Infrared Spectra...........  20
I. Molecular Weight Measurements................ 21
J. Continuous Variations Studies...............  22
III. RESULTS AND DISCUSSION............................ 24
A. Pyridine Complexes Found in this Work.......  24
1. Copper (II) Nitrate Complexes............. 24
2. Nickel (II) Nitrate Complexes............. 27
3. Cobalt (II) Nitrate Complexes............. 28
B. Properties of the Metal Nitrate-Pyridine
Complexes......................................  ^ 31
C. Infrared Spectra..............................  33
D. Conductance Measurements.....................  37
v
Table of Contents continued -
Page
E. Magnetic Measurements........................  39
1. Copper (II) Nitrate Complexes............  39
2. Nickel (II) Nitrate Complexes............  40
3. Cobalt (II) Nitrate Complexes............  41
F. Electronic Spectra.....................  43
1. Copper (II) Nitrate Complexes............  43
2. Nickel (II) Nitrate Complexes............  45
3. Cobalt (II) Nitrate Complexes............  47
G. Continuous Variations Studies................ 49
H. Structure of the Complexes...................  50
1. Copper(II) Nitrate Complexes in the
Solid State............................... 50
a. The Tetrapydirine Complex...........  50
b. The Hexapyridine Complex............  50
c. The Dipyridine Complex..........   52
2. Copper(II) Nitrate Complexes in
Solution..................................  53
3. Nickel(II) Nitrate and Cobalt(II)
Nitrate Complexes in the Solid State.... 54
a. The Tripyridine Complexes............ 54
b . The Hexapyridine Complexes..........  55
4. Nickel(II) Nitrate and Cobalt(II)
Nitrate Complexes in Solution..  .........  56
IV. SUMMARY............................................. 59
V. BIBLIOGRAPHY.................... ..................  60





I. Some Properties of the Metal Nitrate-
Pyridine Complexes..........................  74
II. ' X-ray Powder Diffraction Data for
Pyridine-Nickel(II) Nitrate Complexes  75
III. X-ray Powder Diffraction Data for
Pyridine-Cobalt(II) Nitrate Complexes  77
IV. Nitrate Absorption Frequencies for
Metal Nitrate-Pyridine Complexes...........  79
V. Conductivity Data in N,N-Dimethylformamide
and Nitromethane at 25°C....................  82
VI. Conductivities of [Cu(pyr)?(N0«)?] and
[Ni(pyr)« (NOo^] i-n Nitromethane at 25°C
as a Function of Time.......................  83
VII. Magnetic Data for the Metal Nitrate-
Pyridine Complexes .......................  84
VIII. Electronic Spectra of the Metal Nitrate-
Pyridine Complexes.........................   85
LIST OF FIGURES
Number Page
1. Isothermal decomposition of
[Cu(pyr)4 (N03)2] *2pyr at 34°C..............  65
2. Isothermal decomposition of nickel(II) 
and cobalt(II) hexapyridine complexes
at 25°C......................................  66
3. Reflectance spectra of copper(II)
nitrate complexes...........................  67
4. Reflectance spectra of nickel(II)
nitrate complexes........    68
5. Reflectance spectra of cobalt(II)
nitrate complexes.................   69
6. Visible spectra of cobalt(II) nitrate
complexes in chloroform.....................  70
7. Visible spectra of nickel(II) nitrate
complexes in dichloromethane...............  71
8. Visible spectra of cobalt(II) nitrate
complexes in dichloromethane...............  72
9. Visible spectra of solutions of copper(II)
nitrate and pyridine in methanol...........  73
viii
I. INTRODUCTION
Pyridine is well known for its ability to form com­
plexes with transition metal salts. An interesting feature 
of this ligand is that it can form a series of complexes with 
the same metal salt. These are usually of the type M(pyr) X 9
X fa
(M = divalent metal ion; pyr = pyridine; x = 2, 4, or 6; X =
monovalent anion). For example, copper(II) perchlorate forms
complexes with pyridine containing four and six moles of
pyridine and cobalt(II) bromide forms complexes containing
2
two, four, and six moles of pyridine. Many of these com­
plexes have been well characterized. It is noted, however, 
that very little is known about the complexes formed between 
pyridine and anhydrous metal nitrates. In this work, the 
results of studies on the pyridine complexes of the anhydrous 
metal nitrates of copper(II), nickel(II), and cobalt(II) are 
reported.
The purpose of the present study was two-fold. The 
first objective was to determine exactly what complexes are 
formed between pyridine and these metal nitrates even though 
several such complexes have been previously reported in the 
literature. The reason for this is that there appears to be 
some doubt and confusion as to which pyridine solvates actually 
exist. This is especially true in the case of copper(II) ni­
trate. The pyridine complexes of copper(II) nitrate that have
3
been reported in the literature are: Cu(pyr)^(NO^)2 >
Cu(pyr)6 (N03)23,4, Cu(pyr)5 (N03)23 , Cu(pyr)4 (NC>3)23 ’4 ’5 ,
Cu(pyr)3 (NQ3)2^»^, and Cu(pyr)2 (NC>3)24 . The 7 and 5 solvates 
are somewhat doubtful because Mitra and Sinha3 based these com­
positions purely on vapor pressure measurements without analy­
-1-
2tical substantiation. It is also noted that Mitra and Sinha 
failed to reproduce the 3 and 2 solvates reported by the 
earlier workers and reported that the 4 solvate decomposed 
by "attack of the nitrate ion on the pyridine molecule".
W. Bottjer^ has reinvestigated part of the copper(II) nitrate- 
pyridine system and found evidence for the existence of only 
2, 4, and 6 solvates. Because of the conflicting reports, 
this system has also been studied in this work.
Pyridine complexes of cobalt(II) nitrate and nickel(II) 
nitrate have also been reported in the literature. These are: 
Co(pyr)6 (N03)28 , Co(pyr)4 (NC>3)28 ’9 , Co(pyr)3 (NC>3)28 ,
Co(pyr)2 (N03)28 , Ni(pyr)6 (N03)210, and Ni(pyr)3 ( N O ^ 11.
The formulation of Co(pyr)4 (NC>3)2 by Reitzenstein9 is con­
siderably doubtful because the cobalt analyses reported for 
the compound ranged from 9.98% to 15.00%. The cobalt(II) com-
g
plexes reported by Katzin, jet. al. , also deserve reinvesti­
gation because the authors noted that their compounds were not 
strictly anhydrous.
The second objective of this study was to determine 
the configurations of the pyridine complexes. There are 
several configurational possibilities for the metal ions under 
investigation. The octahedral configuration is well known 
for complexes of copper(II), nickel(II), and cobalt(II).
Planar copper(II) and nickel(II) complexes are numerous and 
the tetrahedral configuration is well known for nickel(II) 
and cobalt(II). Planar cobalt(II) and tetrahedral copper(II) 
are also known but these are unusual cases.
The fact that the complexes studied are those of 
nitrate salts make them additionally interesting because the 
nitrate group can function in a variety of ways depending 
upon the particular inorganic system. Nitrate groups have 
been shown to function as bidentate ligands, monodentate
3ligands, bridging groups, and ionic species. For example,
the nitrate groups in dinitratobis(trimethylphosphine oxide)-
cobalt(II), [Co ((CH3)3P0)2 (N03)2] , are bidentate12; they are
monodentate in the 3,4- and 3,5-lutidine complexes of
13
nickel(II) nitrate j they function as bridging groups in 
anhydrous copper(II) nitrate”^ ;  and they exist as ionic 
species in hexakis(pyridine N-oxide)cobalt(II) dinitrate,
[Co(c5h5no)6](no3)2 .15
Metal nitrates have a strong tendency to form hy­
drates or hydroxy compounds. In order to insure strict an­
hydrous conditions, the complexes were synthesized from 
methanol solutions of the anhydrous metal nitrates. The pre­
paration of these metal nitrate solutions has been previously
16
described by Bottjer and Haendler. The use of 2,2-di- 
methoxypropane as a dehydrating agent was also investigated.
The structural studies carried out in this work are 
based on extensive use of infrared spectroscopy, visible and 
near-infrared spectroscopy, magnetic susceptibility measure­
ments , conductivity measurements, and thermogravimetric 
analysis.
This manuscript is divided into six major sections. 
Section I is the introduction in which the scope and purpose 
of this work have been discussed. Section II is the experi­
mental section. In this section the methods of synthesizing 
the complexes are described. A detailed description of the 
experimental techniques employed in the structure determina­
tions is also presented in this section. Section III is the 
main body of the thesis and presents the results and discus­
sion of the experiments carried out in thic work. Following 
the third section is a brief summary of the results obtained 
in this work. The bibliography and an appendix containing 
pertinent figures and tables follow the summary in that order.
4II. EXPERIMENTAL
A. Starting Materials.
Reagent grade methanol (Fisher) was dried by distil­
lation from magnesium activated with iodine. Reagent grade 
pyridine (Fisher) was dried by distillation from potassium 
hydroxide and stored over barium oxide until used. Prac­
tical grade 2,2-dimethoxypropane (Eastman) was used without 
further purification. Fisher reagent grades silver nitrate, 
copper, nickel, cobalt, and bismuth were dried for at least 
48 hr. over sulfuric acid prior to use.
B. Preparation of the Complexes and Thermogravimetric 
Analyses.
The interrelationship between the pyridine solvates
of the metal nitrates was studied in part by the use of
thermogravimetric analysis. The thermal balance used was
17that constructed by Kingston , based on a model described 
18
by Wendlandt. All thermal analyses were done in a 
nitrogen atmosphere.
1. Copper(II) Nitrate Complexes
a. Preparation of Dinitratotetrakis(pyridine)copper- 
(II), [Cu(pyr)^(N02)o]• Copper dust (10 g.) was added to a 
solution of 20 g. of silver nitrate in 150 ml. of methanol, 
and the mixture was refluxed for 1.5 hr. in the absence of 
moisture. After this time a blue-green solution of copper(II) 
nitrate was obtained which gave no test for the presence of 
Ag+ . The reaction mixture was filtered to remove suspended 
solids, and 50 ml. of pyridine was added to the hot copper(II) 
nitrate solution. Violet crystals precipitated almost im­
mediately upon the addition of pyridine. The mixture was
cooled in an ice bath to induce further crystallization.
The product was collected on a sintered glass filter and 
then recrystallized by adding 25 ml. of pyridine to the 
product in a flask, heating the mixture to 65°C, and then 
adding just enough methanol to completely dissolve the solid. 
The hot solution was filtered and then cooled in an ice bath 
upon which violet crystals precipitated. These were collec­
ted on a sintered glass filter and pressed to remove as much 
solvent as possible. The compound was liberated of remain­
ing solvent by evacuating over silica gel for 3 hrs.
Anal. Calcd.. for [Cu(pyr)^(NO^)2 ] : Cu, 12.61; pyr,
62.78. Found: Cu, 12.55; pyr, 62.61.
b . Preparation of Dinitratotetrakis(pyridine)- 
copper(II) 'dipyridine, [CuCpyr^CNOo)^] *2pyr. A sample 
of dinitratotetrakis(pyridine)copper(II), [Cu(pyr)^(N0^)2]> 
was placed in a desiccator over pyridine for 24 hrs. at room 
temperature. During this time the starting material added 
two moles of pyridine with a corresponding color change from 
violet to purple. The product was removed from the desicca­
tor and surface pyridine was removed by momentarily shaking 
the product on a piece of coarse filter paper.
Anal. Calcd. for [Cu(pyr)^(N0g)2l *2pyr: Cu, 9.60;.
pyr, 71.67. Found: Cu, 9.64; pyr, 71.41.
c . Thermogravimetric Analysis of Dinitratotetrakis- 
(pyridine)copper(II) dipyridine. A sample of 
[Cu(pyr)^(N0g)2] *2pyr was slowly heated. Weight loss was ob­
served to begin at 34°C and at this point the heating rate was 
set to zero. Weight loss continued until a total weight loss 
of 23.67. had occured. This loss in weight corresponded to the 
loss of two moles of pyridine from the hexapyridine complex
6(theor. wt. -loss = 23.9%). An x-ray powder diffraction 
photograph of the decomposition product corresponded to that 
of the tetrapyridine complex [Cu(pyr)4 (NC>3)2]• The reaction 
is therefore:
N2j 34°C
[Cu(pyr)4 (N03)2] *2 pyr -------- > [Cu(pyr)4 (N03>2] + 2pyr
(D
The isothermal decomposition curve of the hexapyridine com­
plex is shown in Figure 1.
d . Thermogravimetric Analysis of Dinitratotetrakis- 
(pyridine)copper(II) . A sample of [Cu(pyr)4 (NC>3)2] was 
heated at a slow rate. The sample began losing weight at 
76°C at which temperature the heating rate was set to zero.
A total weight loss of 31.2% occurred at this temperature. 
The measured weight loss corresponded to the loss of two 
moles of pyridine from the tetrapyridine complex (theor. 
wt. loss = 31.4%). Observation of the decomposed sample 
showed that a color change from violet to light blue had 
occurred. Heating of the sample was then resumed. At 160°C 
the sample decomposed into a blue oil which did not crystal­
lize upon cooling. The isothermal decomposition of the tet­
rapyridine complex at 76°C is shown in Figure 1.
e . Preparation of Dinitratobis(pyridine)copper(II), 
[Cu(pyr)o(N03)o] . A large sample of [Cu(pyr)4 (NC>3)2] was 
placed in an Abderhalden drying apparatus over sulfuric acid 
and heated at 68°C at 2 mm. Hg. A change in color from 
violet to light blue gradually occurred. Heating was con­
tinued until weight loss was complete, as determined by 
periodic weighing of the sample.
Anal. Calcd. for [Cu(pyr)2(N03)2]: Cu, 18.37; pyr,
45.74. Found: Cu, 18.33; pyr, 45.48.
An x-ray powder diffraction photograph of the dipyridine 
complex was identical to that of the light blue powder ob­
tained from the thermal decomposition of the tetrapyridine 
complex in part "d" above. It is concluded, therefore, that 
the following reaction occurs:
N2 ; 76°C
[Cu(pyr)4 (N03)2]-----  1--- > [Cu(pyr)2(N03)2] + 2pyr (2)
f . Reaction of Dinitratobis(pyridine)copper(II) 
with Pyridine. A sample of [Cu(pyr)2(N03)2] was placed in 
an Abderhalden drying apparatus over pyridine. The sample 
was heated to 56°C and a slow color change from light blue 
to violet gradually occurred. The reaction was allowed to 
proceed for 24 hrs. An x-ray powder diffraction photograph 
of the product was identical to that of the tetrapyridine 
complex [Cu(pyr)4 (N03)2]. The reaction is, therefore:
[Cu(pyr)2(N03)2] -56 °> [Cu(pyr)4 (NC>3)2] (3)
2. Nickel(II) Nitrate Complexes.
a. Preparation of Dinitratotris(pyridine)nickel(II),
[Ni(pyr)3(N03)2]• The reaction between nickel and silver
nitrate in methanol is extremely Slow and therefore is not
applicable to the preparation of a methanol solution of
nickel(II) nitrate. An intermediate reaction between bismuth
X6and silver nitrate was employed.
Bismuth (15 g.) was added to a solution of 34 g. of 
silver nitrate in 150 ml. of methanol. The flask was closed 
to the atmosphere and the mixture was allowed to stand for 
24 hrs. with occasional shaking. A clear solution of
8bismuth(III) nitrate was obtained which gave a negative test
+
for Ag . The solution was filtered to remove suspended 
solids. Nickel (7.0 g.) was added to the bismuth(III) 
nitrate solution and the mixture was refluxed for 7 hr. in 
the absence of moisture. A green solution of nickel(II) 
nitrate was obtained which gave no test for the presence of 
Bi . The reaction mixture was filtered to remove suspended 
solids and 16 g. of pyridine was added to the hot solution. 
The resulting dark blue solution was cooled in an ice bath 
but no crystallization occurred. Diethyl ether (200 ml.) 
was added. Crystallization slowly took place. The blue 
powdery material was filtered on a Buchner funnel, washed 
thoroughly with diethyl ether, and dried in vacuo over 
Drierite.
The product was recrystallized as follows. The 
product was dissolved in warm methanol containing a small 
amount of pyridine. The solution was filtered, and ether 
was added to the warm solution until crystallization just 
began. The solution was allowed to stand undisturbed for 
9 hrs. A blue crystalline material was formed. The product 
was collected on a sintered glass filter, washed with di­
ethyl ether, and^ dried in vacuo over sulfuric acid.
Anal. Calcd. for [ N i ^ y ^ ^ N O ^ ^ ]  : Ni, 13.98; N,
16.67. Found: Ni, 13.96; N, 16.65.
The nickel(II) complex was also prepared from 
nickel(II) nitrate hexahydrate by dehydration with 2,2- 
dimethoxypropane. Nickel(II) nitrate hexahydrate (5.0 g.) 
was dissolved in 20 ml. of methanol, and 25 ml. of 2,2- 
dimethoxypropane was added. The solution was heated to 
boiling and 2.8 g. of pyridine was then added. The solution 
was cooled but no crystallization took place. Crystalliza-
9tion was induced by the addition of 100 ml. of ether. The 
ether solution slowly began to precipitate after standing 
for a few minutes. The product was collected on a sintered 
glass filter, washed with diethyl ether, and dried in vacuo 
over Brierite.
Anal. Calcd. for [NiCpyr^CNO-^] : Ni, 13.98; N,
16.67. Found: Ni, 13.90; N, 16.67.
b. Preparation of Dinitratotris(pyridine)nickel- 
(II) tripyridine, [Ni(pyr),, 
hexahydrate (7.0 g.) was dissolved in 50 ml. of methanol and 
20 ml. of 2,2-dimethoxypropane was added. The solution was 
heated to boiling and "evaporated to a volume of 25 ml. 
Pyridine (21 g.) was added to the hot solution and the re­
sulting light blue solution was cooled in an ice bath.
Light blue crystals slowly formed upon cooling. The product 
was collected on a sintered glass filter and washed with a 
cold 7% solution of pyridine in diethyl ether. Drying was 
accomplished by shaking the product on a piece of coarse 
filter paper.
Anal. Calcd. for [Ni(pyr)^(NO^)£] *3pyr: Ni,, 8.93;
N, 17.05. Found: Ni, 9.03; N, 17.01.
The compound was also prepared from dinitratotris- 
(pyridine)nickel(II). A sample of the tripyridine nickel(II) 
complex was placed in a desiccator over pyridine for a period 
of 16 days at room temperature. During this time the start­
ing material added three moles of pyridine with a corres­
ponding change from a blue crystalline material to a light 
blue powder. The product was freed of surface pyridine by 
briefly shaking on a piece of coarse filter paper.
(NOq)o I ^ p y r . Nickel(II) nitrate
10
Anal. Calcd. for [Ni(pyr)^ (NO^^] *3pyr: Ni, 8.93.
Found: Ni, 8.97.
Although only a nickel analysis was obtained on this 
product, the x-ray powder diffraction photograph of the pro­
duct was identical to that of the hexapyridine nickel(II) 
compound obtained by the first procedure. This shows that 
the product obtained here is indeed the hexapyridine complex.
c . Thermogravimetric Analysis of Dinitratotris- 
(pyridine)nickel(II) tripyridine. A sample of 
[Ni(pyr)^ (NO^^l *3pyr was analyzed thermo gravimetric ally.
It was found that the compound1 underwent weight loss at room- 
temperature. Weight loss continued until a total weight loss 
of 35.6% had occurred. This loss of weight corresponded to 
the loss of three moles of pyridine (theor. wt. loss = 36.17>). 
The x-ray powder diffraction photograph of the product cor­
responded to that of [Ni(pyr)3 (N03)2] . The reaction is, 
therefore:
N2; 25°C
[Ni(pyr)3 (N03)2]-3pyr --------- > [Ni(pyr)3 (N03)2] + 3pyr (4)
The isothermal decomposition curve of the hexapyridine nickel- 
(II) complex is shown in Figure 2.
d. Thermogravimetric Analysis of Dinitratotris- 
(pyridine)nickel (II) . A sample of lNi(pyr)3 (NC>3)2] was 
heated to see if the complex would lose pyridine to yield a 
lower pyridine solvate by a reaction analogous to the tetra­
pyridine copper(II) complex. The thermogram showed that the 
compound decomposed into a green oil above 90°C. The oil did 
not crystallize upon cooling.
11
e . Attempted Preparations of a Dipyridine Complex 
of Nickel(II) Nitrate. Although a dipyridine complex of 
nickel(II) nitrate could not be prepared by thermal decom­
position of the tripyridine complex, it was felt that such a 
complex should exist in view of the fact that the analogous
2,3-, 2,4-, and 2,5-lutidine complexes having two moles of
19pyridine per mole of nickel(II) nitrate are well known. 
Several attempts were made at preparing such a complex by 
the following general procedure.
A solution of nickel(II) nitrate hexahydrate in 
methanol was dehydrated by heating with 2,2-dimethoxypropane. 
Pyridine was then added in an amount equivalent to two 
moles of pyridine per mole of nickel(II) nitrate. The re­
sulting dark green solution was then evaporated until a dark 
green sludge remained. The sludge was dissolved in chloro­
form and the solution was filtered. The chloroform solution 
was then evaporated until a dark green tarry material re­
mained. The product was collected by filtration on a 
Buchner funnel and washed with diethyl ether. The still 
tarry material was transferred to a mortar and covered with 
diethyl ether. The product was then ground with a pestle, 
and crystallization of the tar into a green powder occurred. 
The product was then collected by filtration, washed with 
diethyl ether, and dried in vacuo. Several variations of 
this procedure were attempted and in all cases green powders 
were obtained. The products, however, always appeared to be 
contaminated with some other material. Nickel analyses of 
the products obtained from these procedures gave results 
ranging from 16.4% to 16.9%. The theoretical value for the 
nickel content of N i ^ y r ^ ^ O ^ ^  is 17.22%. Although the 
analytical results are not satisfactory, they indicate that
12
the products may be the dipyridine complex containing vary­
ing amounts of impurities. It is felt that some other syn­
thetic approach may yield the desired compound in a pure 
state.
3. Cobalt(II) Nitrate Complexes.
a. Preparation of Dinitratotris(pyridine)cobalt(II), 
[Co(pyr) ^ (NO^pl • Cobalt (10 g.) was added to a solution 
of 25 g. of silver nitrate in 100 ml. of methanol. The re- 
action mixture was shaken continuously for a period of 24
hrs. A wine red solution of cobalt(II) nitrate was obtained
-h
which gave no test for Ag . The solution was filtered to 
remove suspended solids. Pyridine (75 ml.) was then slowly 
added, and rose colored crystals formed almost immediately. 
The product was collected on a Buchner funnel, washed with 
diethyl ether, and dried in vacuo over calcium chloride.
Anal. Calcd. for [ C c ^ pyr)^!^^] : Co, 14.02; N,
16.67. Found: Co, 14.06; N, 16.60.
The compound was also prepared by starting with 
cobalt(II) nitrate hexahydrate. Cobalt(II) nitrate hexa­
hydrate (8.0 g.) was dehydrated by dissolving in 25 ml. of 
2,2-dimethoxypropane and heating the solution to boiling. 
Pyridine (13.5 g.) was then added to the hot solution. The 
solution was then cooled but only a small amount of crystal­
lization occurred. Further crystallization was induced by 
adding 75 ml. of ether. Additional crystallization from the 
ethereal solution slowly occurred upon standing. After 1.5 
hr. the rose colored crystalline material was collected on a 
sintered glass filter, washed with diethyl ether, and dried 
in vacuo over Brierite.
13
Anal. Calcd. for [Co(pyr)3(NC>3)2]: Co, 14.02; N,
16.67. Found: Co, 14.10; N, 16.80.
b. Preparation of Dinitratotris(pyridine)cobalt- 
(II) tripyridine, [Co(pyr)3(N03)o] *3pyr. A sample of di- 
nitratotris(pyridine)cobalt(II) , [Co(pyr)3(N03)2] , was 
placed in a desiccator over pyridine for 15 days at room 
temperature. The starting material added three moles of 
pyridine with a corresponding change from rose crystals to 
a pink powder. The product was removed from the desiccator 
and surface pyridine was removed by momentarily shaking on 
a piece of coarse filter paper. The product had a strong 
odor of pyridine.
Anal. Calcd. for [Co(pyr)3(N03)2]*3pyr: Co, 8.97.
Found: Co, 9.05.
c . Thermogravimetric Analysis of Dinitratotris- 
(pyridine)cobalt(II) tripyridine. Thermogravimetric analy­
sis of [Co(pyr)3(NC>3)2] • 3pyr showed that the compound under­
went rapid weight loss at room temperature. This occurred 
until a total weight loss of 35.2%, had taken place. This 
corresponded to the loss of three moles of pyridine from the 
hexapyridine complex (theor. wt. loss = 36.0%). An x-ray 
powder diffraction photograph of the decomposition product 
was identical to that of the tripyridine complex, 
[Co(pyr)3(N03)2] . The reaction is, therefore:
N2; 25°C
[Co(pyr)3(N03)2] *3pyr  --------- > [Co(pyr)3(N03)2] + 3pyr
(5)
The isothermal decomposition curve of the hexapyridine com­
plex is shown in Figure 2.
d. Thermogravimetric Analysis of Dinitratotris- 
(pyridine)cobalt(II). It was felt that heating of the tri­
pyridine compound might result in the evolution of pyridine 
to yield a lower solvate. A thermogram of the compound 
showed that weight loss occurred at 85°C but that the com­
plex also decomposed into a violet oil at this temperature. 
The oil did not crystallize upon coolings
e . Attempted Preparations of a Dipyridine Complex 
of Cobalt(II) Nitrate. It was stated above that heating 
of the tripyridine complex at atmospheric pressure led only 
to decomposition of the sample at 85°C. It was felt, how­
ever, that heating at a slightly lower temperature at a 
reduced pressure might result in the evolution of pyridine 
without decomposition. A 0.5 g. sample of the tripyridine 
complex was placed in an Abderhalden drying apparatus over 
concentrated sulfuric acid and heated over a range of 
temperatures at 3 mm. Hg. Heating at 56°C for a period of
1.5 hr. resulted in only a negligible weight loss. The 
temperature was raised to 79°C. Only a small weight loss 
of 14 mg. was observed over a 5 hr. period at this tempera­
ture, and the weight loss was accompanied by some decompo­
sition of the sample into a violet oil. At temperatures 
above 79°C the sample decomposed rapidly.
Attempts were also made to synthesize a dipyridine 
cobalt(II) nitrate complex by reaction in solution. Several 
approaches were tried which involved the reaction of one 
equivalent of cobalt(II) nitrate with two equivalents of 
pyridine. The only products obtained from these reactions 
were either the tripyridine complex, [CoCpyr^CNO^^] , or 
tarry materials which could not be crystallized.
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C . Analyses.
Copper, nickel, and cobalt were determined according
20to the method described by Prodinger. The method consists
in dissolving the complexes in water and adding ammonium
thiocyanate to precipitate compounds of the type
M(pyr)x (SCN) 2  (M = metal ion). Copper, nickel, and cobalt
were weighed as Cu(pyr)2(SCN)2 , Ni(pyr)^(SCN)2> and
Co(pyr)^(SCN)2 respectively.
Pyridine was determined according to the general
method described by Fritz and Hammond for the quantitative 
‘ 21
analyses of weak bases. This method consisted of dissolv­
ing the complexes in glacial acetic acid and titrating 
potentiometrically with a standard solution of perchloric 
acid in glacial acetic acid. It is interesting that only 
the copper complexes gave satisfactory results with this 
method. The nickel(II) complexes did not give sharp breaks 
in the millivolt vs. volume curves. It is assumed that the 
reason for this observation is that the nickel(II) complexes 
are not extensively dissociated in acetic acid. Unexpected 
results were also obtained in the titration of the cobalt(II) 
complexes. There occurs a gradual increase in the e.m.f. asi
the perchloric acid is added, which is what is expected. 
However, at approximately the endpoint of the titration, a 
very sharp decrease in the e.m.f. is observed. It is sugges­
ted that this is probably due to the oxidation of cobalt(II)
/
to cobalt(III) by perchloric acid. Because of the failure 
of the pyridine analyses in the cases of the cobalt(II) and 
nickel(II) complexes, overall nitrogen content was determined 
for these compounds.
Nitrogen was determined microanalytically using a 
Coleman Model 29 Nitrogen Analyzer.
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D. X-ray Powder Diffraction Photographs.
Powder patterns were obtained on finely ground 
samples mounted in 0.3 mm. capillaries. The patterns were 
taken with a 57.3 mm. Philips camera using copper or iron 
radiation (1.5418 A° and 1.9373 A 0 resp.). The powder 
patterns for the nickel(II) and cobalt(II) complexes are 
reported in Tables II and III. The powder patterns for the 
copper(II) complexes have been previously reported.^ The 
values for the interplanar spacings (d) were calculated for 
the first thirty lines appearing on the powder patterns of 
the nickel(II) and cobalt(II) complexes. The relative in­
tensities (I/Iq) were estimated visually.
E. Infrared Spectra.
The spectra of the solid complexes in the 4000-650
- 1
cm. range were obtained as mulls in Nujol and Halbcarbon 
oil using a Perkin-Elmer Model 21 Recording Infrared Spec­
trophotometer. Spectra of solutions of the complexes in 
chloroform were obtained in the same range using the same 
instrument. In the 700-400 cm. ^ range, the infrared spec­
tra of the solid complexes were obtained as mulls in Nuj;ol 
using a Perkin-Elmer Model 337 Grating Infrared Spectrophoto­
meter.
The nitrate absorption frequencies for the complexes 
are summarized in Table IV. Since the infrared spectra con­
sist only of absorption bands due to pyridine and nitrate, 
the nitrate absorption bands can be identified by extracting 
the bands due to pyridine from the spectra. The bands due
to pyridine absorption were readily identified by referring
22to the work of N. S. Gill and co-workers. They have 
studied the infrared spectra of a large number of transition 
metal pyridine complexes and have unambiguously assigned the 
bands due to pyridine in these complexes.
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F. Conductivity Measurements♦
The conductivities of the complexes were measured 
at 25.0°C using a conventional Wheatstone bridge circuit 
outlined below. The cell used was of the usual type having 
platinum electrodes. The cell was calibrated with 0.02 N 
aqueous potassium chloride. The calculated cell constant 
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The conductivities of the copper(II) complexes were 
measured in N,N-dimethylformamide (DMF) and nitromethane.
The conductivities of the nickel(II) and cobalt(II) complexes 
were measured in nitromethane only. N,N-dimethylformamide
23was purified according to a previously described procedure. 
Reagent grade DMF (Fisher) was dried over barium oxide for 
20 hrs. with occasional shaking. The DMF was then distilled 
through a 470 mm. Vigreux distilling column at 41°C at 10 mm. 
Hg. The first one fifth of the distillate was discarded. 
After that, only the fraction boiling between 41 and 42°C was
collected. The purified DMF had a specific conductivity of
- 7 - 1 - 1  
2.0 x 10 ohms cm. Nitromethane (Fisher certified)
was dried over calcium sulfate for 24 hrs. and distilled 
through a 470 mm. Vigreux distilling column at 48°C at 
100 mm. Hg. The first 25 ml. of the distillate was dis­
carded. The nitromethane had a specific conductivity of
- 7 - 1 - 1  
2.2 x 10 ohms cm. The solution concentrations were
approximately 10 ^ M. Bis(8 -quinolato)tin(II) , [Sn^^H^NO^]
and tetramethylammonium iodide, [(CHg)^N]I, were used as
standard non-electrolytes and 1 : 1  electrolytes respectively.
The results of these conductivity measurements are summarized
in Table V.
The conductivities of [ C u ^ y r ^ ^ O ^ ^ ]  and
[Ni(pyr)g(N0 g)2 ] in nitromethane were also studied as a
function of time. The results of these time studies are
reported in Table VI.
G. Magnetic Measurements.
The magnetic susceptibilities of the solid copper(II),
nickel(II), and cobalt(II) complexes were determined by the 
25Gouy method. The apparatus consisted of a semi-micro 
balance (Mettler H16) mounted above a magnet (Varian Model
19
V-4084 Electromagnet). The electromagnet was powered by a 
Varian Model V-2300A Power Supply and the current was regu­
lated with a Varian Model V-2301A Current Regulator. The 
sample container, a double-ended Gouy tube, was suspended 
between the poles of the electromagnet which were set at a 
pole gap of one inch. The suspension system consisted of a 
gold chain which was attached to the pan of the balance and 
passed through the base of the balance down into the vicinity 
of the pole pieces. At the end of the chain was a copper 
yoke from which the Gouy tube could be suspended. The chain 
was adjusted so that the bottom of the sample in the tube 
just reached the center of the pole pieces of the magnet.
The tube was filled to a height of approximately 8.5 cm. 
Preliminary experiments showed that this sample height was 
sufficient to meet the requirement that part of the sample 
be essentially out of the influence of the magnetic field.




where X is the gram susceptibility, a is a constant allowing 
for the displaced air and equal to 0.029 times the sample 
volume, p is the tube calibration constant, w is the weight 
of the sample in grams, and F ’ is the force on the sample 
in milligrams.
The sample volume was determined with mercury at 
22.0°C. The Gouy tube was filled with mercury until the 
meniscus just split the mark. The weight of mercury was 
determined, and from this the volume of the tube was calcu­
lated. The average value of three determinations gave a 
volume of 0.991 + 0.001 ml. The resulting value for a is
0.029.
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The susceptibilities were determined at two field 
strengths, 6500 and 8000 gauss. Because of this, the tube 
calibration constant, p, had to be determined at each field 
strength. This was accomplished by using HgCo(CNS)^ as a 
standard. The standard compound has a gram susceptibility 
of 16.44 x 10  ^ at 20°C and dX/dT is -0.33%.^ The calcu­
lated values of p were 0.406 + 0.003 at 6500 gauss and
0.269 + 0.002 at 8000 gauss.
The calculated gram susceptibilities of the com­
plexes were converted to mole susceptibilities and corrected
for diamagnetic contributions of the ligands. The diamag-
-  6
netic susceptibilities are 18.9 x 10 /g. atom for the
25 6
nitrate group , and 49.21 x 10 /g. atom for the pyridine
27molecule. The magnetic moments were calculated from the 
relationship
= 2.84(X'm T)
where is the magnetic moment in Bohr Magnetons, X'^ is 
the corrected mole susceptibility, and T is the absolute 
temperature. The results of the magnetic measurements are 
summarized in Table VII.
H. Visible and Near-Infrared Spectra.
Visible and near-infrared spectra of all the com­
plexes in the solid state were obtained in the 3000-13500 
cm. ^ range using a Cary Model 14 Recording Spectrophotometer. 
The solid samples for reflectance were mounted as follows.
A piece of cardboard, approximately 1/16 inches thick, was 
cut to a size slightly larger than the size of the sample 
aperture in the instrument. At approximately the center of 
this piece of cardboard, a hole, 1" x 1/4", was cut out. A 
piece of adhesive tape, sufficiently longer than the card­
board piece, was stuck to the cardboard piece so that it
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completely covered the hole and also overlapped the edges of 
the cardboard. The cardboard piece can now be turned over 
and the solid sample packed into the hole and smoothed down 
with a spatula. The adhesive tape at the bottom of the hole 
serves as a binder which prevents the sample from falling 
out. The sample is then secured over the sample aperture of
the instrument by means of the overlapping pieces of adhesive 
tape. The reflectance spectra are shown in Figures 3, 4, .
and 5, and are summarized in Table VIII.
Visible spectra of solutions of the copper(II) com­
plexes in chloroform were obtained with a Beckman DU Spec­
trophotometer using 1 cm. silica cells. These spectra are 
shown in Figure 6  and are summarized in Table VIII. Visible 
spectra of solutions of the nickel(II) and cobalt(II) com­
plexes in chloroform and dichloromethane were obtained with 
a Perkin-Elmer Model 4000 Spectracord’using 1 cm. silica 
cells. These spectra are shown in Figures 7 and 8  and are 
summarized in Table VIII. The spectra in chloroform are 
almost identical to those in dichloromethane and, therefore, 
only the spectra in dichloromethane are shown in Figures 7 
and 8 .
I. Molecular Weight Measurements.
It would have been very desirable to obtain molecular 
weight measurements on these pyridine complexes. Unfortu­
nately, all attempts at making such measurements were un­
successful. It was found that the complexes either decom-
/
posed in, or were not sufficiently soluble in solvents suit­
able for such measurements.
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J. Continuous Variations Studies.
The purpose of these studies was to determine what
complexes were formed between copper(II) nitrate and pyridine
in methanol solution. The method and theory of continuous
variations has been thoroughly described by Vosburgh and 
28
Cooper. Maxima of curves obtained by plotting the amount 
of ligand solution (x) against the difference (Y) between 
observed absorbance and that calculated for no reaction give 
directly the compositions of the species present, provided 
that both ligand and metal ion are in solutions of equimolar 
concentration. The following experimental procedure was 
used.
An approximately 0.1 M  solution of copper(II) 
nitrate in methanol was prepared by reacting 5.0 g. of 
copper dust with a solution of 16.8 g. of silver nitrate 
in 500 ml. of methanol. The reaction mixture was stirred 
constantly until the filtrate gave no test for Ag+ , approx­
imately 18 hrs. The copper(II) nitrate solution was fil­
tered to remove suspended solids. The methanol solution was 
then analyzed for copper by taking aliquots of the solution 
with a burette, adding 1 ml. of 18 M sulfuric acid, and 
evaporating to dryness. A blue solid remained which was dis­
solved in 100 ml. of water containing 0.5 ml. 16 M  nitric 
acid. Copper was then plated out electrolytically using a 
Sargent-Slomin Electroanalyzer. The analyses gave a value 
of 0.1021 M  for the concentration of the copper(II) nitrate 
solution. A pyridine solution of equivalent concentration 
was prepared by weighing 4.0402 g. of pyridine and jiiluting 
to 500 ml. with methanol.
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Solutions were prepared which were 0.0102 M  in 
copper ion and, in addition, 0.0102, 0.0204, 0.0408, and
0.0612 M in pyridine. These solutions corresponded to 
copper:pyridine molar ratios of 1:0, 1:1, 1:2, 1:4, and 1:6. 
The visible spectra of these solutions were obtained with a 
Beckman DU Spectrophotometer using 1 cm. silica cells.
These spectra are shown in Figure 7. -
From the stock solutions of copper(II) nitrate and 
pyridine, 0.048 M  solutions of copper(II) nitrate and pyri­
dine were prepared. A series of solutions containing vari­
able amounts of copper(II) nitrate and pyridine was then 
prepared from these 0.048 M  solutions. Absorption measure­
ments were carried out on these mixed solutions at 640,
680, 720, 760, 820, and 860 mji. The calculated absorbance 
values, assuming no interaction between copper(II) nitrate 
and pyridine, were substracted from the measured absorbance 
values. The differences (Y) were plotted against the volume 
percent pyridine. Such a plot was obtained for each of the 
six wavelengths studied.
The results from these experiments were too complex 
to be interpreted and are not quantitatively presented in 
this thesis. The six plots all showed maxima, but these 
maxima were very broad and contained several peaks and 
shoulders. From these results no assignments of the species 
formed in methanol solution could be made. Because of the 
complexity of the results, the experiments were repeated as 
a check. It was found that the results were reproducible. 
These observations lead to the conclusions that the pyridine- 
copper (II) nitrate system in methanol is very complex and 
cannot be studied by the method of continuous variations.
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III. Results and Discussion
A. Pyridine Complexes Found in this Work.
1. Copper(II) Nitrate Complexes.
Three pyridine complexes of anhydrous copper(II) 
nitrate have been prepared in this investigation. These are: 
dinitratobis (pyridine) copper (II) ; [Cu(pyr) 2  ( ^ 3 ) ^  
dinitratotetrakis(pyridine)copper(II); [Cu(pyr)^(NO^)2  ^
dinitratotetrakis(pyridine)copper(II) dipyridine;
[ Cu (pyr) 4  (N03  ) 2 ]-2pyr 
All the complexes are interrelated by the removal or addition
of pyridine. Summary of reactions (1), (2), and (3) (cf. pp.
6,7) and other experiments gives the following reversible 
reaction scheme.
[ Cu (pyr) , (NO-) n] F j r  *- -2 5 --> [ Cu (py r) . (NO- ) 2 1 * 2pyr





[Cu(pyr)2 (NC>3)2] — ^ -> decomposition (blue oil)
The arrow drawn from the dipyridine complex to the tetrapyri- 
dine complex is not intended to imply that this reaction oc­
curs only at 56°C. This temperature is quoted because it is 
at this particular temperature that the reaction was studied. 
Theoretically, this reaction should proceed at any tempera­
ture below the decomposition temperature of the tetrapyridine 
compound (76°C) and above the decomposition temperature of the 
hexapyridine compound (34°C).
The pyridine complexes of copper(II) nitrate that have 
been previously reported but have not been found in this in­
vestigation are Cu(pyr)7 (N03)23 , Cu(pyr)5 (N03) 3 # and
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Cu(pyr)^ (NO^^^*^. These are considered individually.
The 7 solvate, Cu(pyr)^(NO^)£ s was reported by Mitra 
and Sinha^ as an unstable compound formed by absorption of 
pyridine on the 6  solvate. It has been pointed out by Bottjer^ 
that the reasons for formulating such a solvate are very ob­
scure and that the published data is inconsistent with such a 
formulation. The present study has shown that only very 
little pyridine absorption on the 6  solvate occurs at room 
temperature; much less than would be required for the formu­
lation of a 7 solvate.
The pentapyridine solvate, Cu(pyr)^ (NO^^j has been 
reported again by Mitra and Sinha as a stable intermediate 
between the 4 and 6  solvates. The isothermal decomposition 
curve of the hexapyridine compound (Figure 1) shows a brief 
induction period and then is linear up to approximately 2 2 % 
weight loss. If a stable 5 solvate does exist, a change in 
slope would be expected at approximately 1 2 % weight loss.
It was also noted by Bottjer that the data presented by 
Mitra and Sinha for the formulation of a 5 solvate is in­
ternally inconsistent.
It is also interesting that Mitra and Sinha reported 
that the tetrapyridine complex decomposed by oxidation of the 
pyridine molecule by the nitrate ion at temperatures above 
50°C. Experiments performed in this laboratory clearly showed 
that the tetrapyridine complex is stable to at least 76°C.
Above 76°C a dipyridine complex is formed which is stable up 
to approximately 160°C.
It is difficult to understand why Mitra and Sinha's 
conclusions deviate so considerably from those arrived at 
here. A possible source for the discrepancy is that they 
synthesized their copper(II) nitrate pyridine complex accord­
ing to the method described by Grossman^, and used the product
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without analytical substantiation. It must be concluded 
that not much weight can be attached to Mitra and Sinha's 
work, and that the formulations of 7 and 5 solvates must be 
rejected.
The tripyridine complex, Ck^pyr^CNOg^* was first 
reported by Pfeiffer and Pimmer. They obtained a product 
of this composition by partial decomposition of the tetra­
pyridine compound followed by a series of recrystallizations. 
In the present investigation, the isothermal decomposition 
curve of the tetrapyridine compound at 76°C (Figure 1) shows 
a smooth loss of two moles of pyridine with no sharp inflec­
tions which would indicate the formation of a stable 3 
solvate. It is suggested that Pfeiffer and Pimmer actually 
prepared an equimolar mixture of the 2 and 4 solvates. It 
would have been informative to compare the x-ray powder 
pattern of their product with the powder patterns of the 2  
and 4 solvates. Unfortunately, Pfeiffer and Pimmer's pub­
lication is insufficiently detailed to allow repetition of 
their synthesis.
Ragno and Valada have also reported the preparation 
of a 3 solvate. They prepared a product having this compo­
sition by heating a saturated aqueous solution of copper(II) 
nitrate containing excess pyridine at 70-80°C for 3-4 hrs. 
Although their description of experimental procedure was not 
detailed, repetition of their synthesis was attempted but 
no products could be obtained. It has been shown in this 
work that the 4 solvate will lose two moles of pyridine at 
76°C in the solid state, but it is difficult to understand 
how the 4 solvate would be expected to yield a 3 solvate at 
70-80°C in solution and in the presence of excess pyridine.
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It is concluded that there are only three stable 
complexes formed between pyridine and copper(II) nitrate. 
These are, as mentioned previously, the di-, tetra-, and 
hexapyridine compounds. These results confirm those ob­
tained previously by Bottjer.^
2. Nickel(II) Nitrate Complexes.
Only two pyridine complexes of nickel(II) nitrate 
have been found. These are: dinitratotris(pyridine)nickel-
(II), [ N i ^ y ^ ^ N O g ^ ]  , and dinitratotris(pyridine) nickel (II) 
tripyridine, [Ni(pyr)g(N0 g)2 l *3pyr. These two complexes 
are interrelated by the removal and addition of three m'oles 
of pyridine at room temperature. Combination of reaction 
(4)(cf. p. 10) and the synthesis of the hexapyridine compound 
by the addition of three moles of pyridine to the tripyridine 
complex gives the following reversible reaction scheme.
[Ni(pyr)„(N0o)?] .. — -— > [Ni(pyr)~(N0~)2 ]-3pyr
L ,  25°C
pyr, 25°C >
The tripyridine complex has been synthesized by two 
different methods and it is noted that the complex is the
cl
first reported nickel(III) complex of this type . All
previous pyridine complexes of nickel(II) salts have been of
the type Ni(pyr) X 9  wherein only even numbers of pyridine
X z
molecules are present, usually two or four.
a 1 1Rosenthal and Drago have also reported on the synthesis
and structural considerations of [ N i ^ y ^ ^ N O g ^ ]  while this 
manuscript was being prepared. They also succeeded in pre­
paring this tripyridine complex by two methods. One of the 
methods involving the dehydration of nickel(II) nitrate hexa- 
hydrate is very similar to that used here. Their other 
method is different from the second method presented in this 
work.
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The hexapyridine complex has also been prepared by 
two methods. One involved the direct reaction of the solid 
tripyridine complex in an atmosphere of pyridine, and the 
other method involved the dehydration of nickel(II) nitrate 
hexahydrate with 2 ,2 -dimethoxypropane followed by the addi­
tion of a large excess of pyridine. This complex has been 
previously prepared by initially reacting nickel(II) nitrate 
hexahydrate with hot pyridine to obtain a hydrated product, 
dehydrating the product over sulfuric acid, and finally re- 
crystallizing the dehydrated product from hot p y r i d i n e . .
The isothermal decomposition of the hexapyridine com­
plex at room temperature (Figure 2) shows a smooth loss of 
three moles of pyridine with no sharp changes in the slope 
of the curve that would indicate the formation of stable 
species intermediate between the 6  and 3 solavates. The 
results were somewhat unexpected in view of the large number 
of known nickel(II) complexes of the type Ni(pyr)^X2 « The 
loss of three moles of pyridine at room temperature might 
lead one to suggest that the hexapyridine compound is not a 
true structural entity, but, on the other hand, merely con­
sists of the tripyridine compound with pyridine absorbed on 
the surface. The x-ray powder diffraction photographs of 
the tri- and hexapyridine complexes (Table II) are suffic­
iently different to show that this is not the case and that 
the hexapyridine complex is a true compound structurally 
different from the tripyridine species.
3. Cobalt(II) Nitrate Complexes.
Two pyridine complexes of cobalt(II) nitrate have 
been found in this investigation. These are dinitratotris- 
(pyridine)cobalt(II), [Co(pyr)^(NOg^], and dinitratotris- 
(pyridine)cobalt(II) tripyridine, [Co(pyr)^(N0 ^)2 ]*3pyr. As
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in the case of the nickel(Il) complexes, the cobalt(II) 
complexes are interrelated by the removal and addition of 
three moles of pyridine at room temperature. Combination 
of reaction (5)(cf. p.13)and the synthesis of the hexa­
pyridine compound by the reaction of the solid tripyridine 
compound in a pyridine .atmosphere leads to the following 
reversible reaction scheme.
[Co(pyr)3 (N03)2] -> [Co(pyr)3 (NC>3)2] *3pyr
N2 , 25 C
It is noted that in the experimental section only a 
cobalt analysis was reported for the hexapyridine compound. 
The reason is that the rapid loss of pyridine at room temper­
ature made it impossible to weigh a sample for a microanalyt- 
ical determination of nitrogen. However, the cobalt analysis 
and the loss of weight corresponding to three moles of 
pyridine to yield the tripyridine complex is conclusive 
evidence that the compound is indeed the hexapyridine com­
plex. The significant differences in the x-ray powder dif­
fraction photographs of the tri- and hexapyridine complexes 
(Table III) show that the hexapyridine compound is a struc­
tural entity and not merely the tripyridine compound having 
three moles of absorbed pyridine.
Two pyridine solvates of cobalt(II) nitrate that have 
been reported elsewhere have not been found in this work.
9
These are Co(pyr)^(NC>3 ) 2  and Co(pyr)2 (N03)2 . Reizenstein 
has reported the preparation of a 4 solvate by reaction of 
cobalt(II) nitrate hexahydrate with hot pyridine followed by 
recrystallization of the product from absolute ethyl alcohol.
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A series of such preparations gave products whose cobalt 
contents varied from 10% to 15%. The theoretical cobalt 
content for a 4 pyridine solvate of cobalt(II) nitrate is
11.80%. Because of the widely varying cobalt analysis, it 
can only be concluded that this reported 4 solvate is highly 
questionable.
g
Katzin, ej:. al. , have also reported the preparation 
of a 4 solvate by pumping on the hexapyridine compound for
5 minutes at 70°C. They also report that the product con­
tains a small amount of water. It is not doubted that a 
composition corresponding to four moles of pyridine per mole 
of cobalt(II) nitrate can be obtained in this manner since
it has been shown here that the hexapyridine compound readily 
loses pyridine at room temperature. However, experimental 
evidence suggests that such a composition is not a true 
chemical compound. The isothermal decomposition curve of 
the hexapyridine complex (Figure 2) shows a smooth rapid 
loss of three moles of pyridine with no inflections in the 
curve which would suggest a stable intermediate between the
6  and 3 solvates. It is therefore suggested that the above 
authors have actually prepared a mixture of the 6  and 3 
solvates.
8Katzin, et. al. , have also reported the synthesis 
of a dipyridine complex, Co(pyr)2 (NOg) 2 5  by extraction of a 
mixture of cobalt(II) nitrate dihydrate and pyridine with 
chloroform, followed by evaporation of the chloroform solu­
tion to yield the salmon colored product containing a small 
amount of water. They also reported that the compound turned 
wine blue upon standing in a desiccator. It has been shown 
here that such a solvate cannot be prepared by thermal de­
composition of the 3 solvate in the solid state. Attempts 
to prepare a 2  solvate from solution were unsuccessful.
Even so, the evidence presented by the above authors for the 
formulation of a dipyridine complex appears to be conclusive
B. Properties of the Metal Nitrate-Pyridine Complexes.
The seven complexes of interest in this work (Table 
I) are all hygroscopic to some extent. The nickel(II) com- 
plexes appear to be more sensitive to atmospheric moisture
i
than either the copper(II) or cobalt(II) complexes. The 
compounds are all readily soluble in many organic solvents 
except hydrocarbons, ethyl ether, and carbon tetrachloride. 
In general, the higher pyridine solvates are more soluble 
than the lower solvates.
The dipyridine copper(II) complex, [Ck^pyr^^O^^] > 
undergoes an interesting phenomenon when recrystallized from 
chloroform. If a saturated solution of the dipyridine com­
plex in hot chloroform is allowed to cool, long light blue 
needles precipitate whose x-ray powder pattern is identical 
to that of the starting material. However, if a chloroform 
solution of the compound is allowed to evaporate very slowly 
a£ room temperature, a small amount of large blue crystals 
are obtained whose x-ray powder pattern is different from 
that of the starting material. The infrared spectrum of 
this product is identical to that of the starting material. 
It is difficult to propose an explanation for this observa­
tion, but one possibility is that an isomeric species is 
formed upon slow recrystallization.
The tripyridine nickel(II) and cobalt(II) complexes 
also undergo interesting reactions in chloroform, in which 
tl?.ey dissolve completely. If the solutions are allowed to 
stand for a short while, crystalline products slowly precipi 
tate. The nickel(II) complex yields a light blue-green 
material and the cobalt(II) complex yields salmon colored 
crystals. Duplicate carbon, hydrogen, and nitrogen analyses
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on the products gave the following results:
nickel(II) compound: C, 32.01; H, 3.79; N, 14.52. 
cobalt(II) compound: C, 31.88; H, 3.86; N, 14.47.
The analyses'for the two products are identical for all 
practical purposes. This is to be expected for compounds 
wherein the only difference is the metal ion, nickel or 
cobalt. The suggestion that the products are identical ex­
cept for the metal ions is also supported by the fact that 
the infrared spectra of the two compounds are identical.
It has not been possible to identify these products, 
but some interesting observations have been made. If one 
considers that the only source of carbon and hydrogen in the 
products is the pyridine present in the system, then the 
ratio of hydrogen to carbon in the products should remain 
1:1 as it is in the starting materials. However, the analy­
ses show that the hydrogen to carbon ratio has been increased 
to approximately 7:5. The possibility of having a chloroform 
adduct is ruled out because the hydrogen to carbon ratio in 
the products would still have to be 1:1. Furthermore, the 
products gave negative chloride tests after sodium fusion.
The infrared spectra of the products are significantly dif­
ferent from those of the starting materials in two respects. 
First, the products show a broad absorption band above 
3000 cm. ^ which is well resolved into three peaks at 3470, 
3320, and 3240 cm. ^ which do not appear in the spectra of 
the tripyridine complexes. Secondly, the products show an 
additional strong band at 1670 cm. which is not present in 
the infrared spectra of the starting materials. The triplet 
bands above 3000 cm. clearly indicate the presence of 
either N-H or O-H bonds. The possibility of 0-H bonds re­
sulting from the presence of water has been eliminated be­
33
cause the experiments were carried out under strictly an­
hydrous conditions. The fine structure of the broad band 
above 3000 cm. ^ suggests the presence of N-H rather than 
0-H bonds. Considering the starting materials in these re­
actions, i. e., the tripyridine complexes and chloroform, it 
has not been possible to formulate products which would be 
consistent with the analyses and the infrared spectra. It 
is interesting that the chloroform solutions of the hexa­
pyridine complexes do not undergo such precipitation reac­
tions, nor do solutions of the tripyridine complexes in di­
chloromethane.
C. Infrared Spectra.
The immediate purpose of obtaining infrared spectra 
of the complexes was to determine the nature of the nitrate 
groups in the complexes. Representations of ionic and mono- 
dentated coordinated nitrate groups are shown below.
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Ionic Nitrate Monodentate Nitrate
symmetry C2 V symmetry
From the different symmetries of ionic and monodentate ni­
trates, one would expect different infrared spectra for these
two types of nitrate groups. This prediction has been veri-
29fied experimentally. Gatehouse, ejt. al. , have studied the 
infrared spectra of a series of transition metal nitrate 
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NO 2  symmetric bend 
not observed
NO 2  asymmetric bend 
not observed
These assignments for coordinated nitrate groups have been 
confirmed by a number of workers.1^ ’1^ ’1^ ’^^ ^  The major 
distinguishing characteristics in the infrared spectrum in 
going from an ionic nitrate group to a coordinated nitrate 
group are the splitting of the NC^ stretching band into two 
absorption bands, and the shift to lower wave numbers of the 
NO stretching and nonplanar deformation bands. It is im­
portant to note that a coordinated nitrate group has C2 V 
point group symmetry whether it is monodentate, bidentate, 
or bridging. Therefore, it is not possible to distinguish 
between these on the basis of the number of nitrate bands 
appearing in the infrared spectrum. The positions of the 
nitrate bands for these different types of nitrato groups 
should be somewhat different, but attempts to distinguish 
monodentate, bidentate, and bridging nitrate groups according 
to this basis have not been very successful.
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The nitrate absorption bands of the copper(II),
nickel(II), and cobalt(II) complexes are summarized in Table
IV. These absorption frequencies are consistent with the
presence of coordinated nitrate groups in the complexes.
Some comments are necessary, however. The assignments
quoted by Gatehouse, £t. al., for nitrato groups show a
splitting between and of approximately 2 0 0  cm.
It is noticed that for some of the complexes reported here,
the magnitude of splitting between and is considerably
less than this value. This is especially true for the tetra-
and hexapyridine copper(II) complexes where the observed
splitting is in the order of only 100 cm. It must be
noted, however, that the assignments quoted by Gatehouse,
et. al., are the results of studies on only relatively few
compounds, most of which were complexes of cobalt(III),
palladium(II), and platinum(II). These metal ions are
noted for forming very stable coordinate bonds. Other workers
have observed splitting magnitudes in the order of 150 cm. ^
13 32for nitrato compounds 5 , but there are no reports of
splitting magnitudes in the order of 100 cm. It has been
suggested that the magnitude of the splitting between and
v, is a function of the degree of covalency of the nitrate 
32 33group. ’ Although no quantitative relationship has yet 
been developed, the hypothesis appears to be qualitatively 
correct. In methyl nitrate, (CH^NO^), wherein it is impos­
sible to imagine the nitrate as anything but covalent, the
_X
splitting between and i-s 385 cm. . The implication 
is that the nitrate groups in the tetra- and hexapyridine 
complexes of copper(II) nitrate have a lower degree of 
covalency than is usually observed for other nitrato complexes.
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The assignment of the nonplanar deformation fre­
quency at 800-781 cm. ^ for coordinated nitrates also de­
serves comment. The values observed for this absorption 
for the complexes studied here range between 803 and 816 
cm. ^ which is higher than the assignment quoted by Gatehouse, 
et. al. Studies on other nitrato complexes by various
workers have yielded results similar to those obtained here.
33
For example, Ferraro found that the nonplanar deformation 
absorption always occurred above 805 cm. ^ for a series of 
tri-n-butyl-phosphate solvates of various actinide and
lanthanide nitrates. This band has been observed above 800
-1 13 19 31cm. in several other investigations also. 5 5 On the
basis of the results obtained here and these other investi­
gations, it is felt that the limits placed by Gatehouse, et. 
al., on the position of this absorption band should be ex­
tended.
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Logan and Simpson have recently reported the in­
frared nitrate absorption frequencies of a tetrapyridine 
compound of copper(II) nitrate. It is interesting that they 
report as occurring at 1488 cm.  ^ and V 2  at 1008 cm. 
the remaining nitrate group assignments are similar to those 
reported here. In the present work, only a weak band was 
found in the region of 1488 cm. and this band has been 
assigned to a pyridine absorption. The possibility exists 
that the two compounds are structurally different since they 
were prepared by different synthetic methods. They prepared 
their compound by adding powdered anhydrous copper(II) 
nitrate to an excess of pyridine, filtering the resulting 
deep blue powder, washing with ether, and drying in vacuo.
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The infrared spectra of the complexes also enables 
one to differentiate between coordinated and uncoordinated 
pyridine in the complexes. Uncoordinated pyridine can be
distinguished from coordinated pyridine by a band at 600
-1 -1
cm. for free pyridine which is shifted to 620-640 cm.
when the pyridine molecule is coordinated. The spectra of
the di- and tetrapyridine complexes of copper(II) nitrate
_ 1
show absorption only at 640 cm. whereas the hexapyridine 
complex shows absorption at both 640 and 600 cm. This 
indicates that all the pyridines are coordinated in the 2  
and 4 solvates of copper(II) nitrate but not in the 6  sol­
vate. The tripyridine complexes of nickel(II) nitrate and 
cobalt(II) nitrate show absorption bands only at 630 cm.
whereas the corresponding hexapyridine complexes show ab-
_I
sorption at both 630 and 600 cm. . This indicates that 
all the pyridines are coordinated in the tripyridine complexes, 
and that the hexapyridine complexes contain both coordinated 
and uncoordinated pyridine. One might suggest that the bands 
observed at 600 cm. for the hexapyridine complexes result 
from the liberation of pyridine from the complexes upon 
mulling since these complexes do lose pyridine at room temp­
erature. This undoubtedly happens to some extent. However, 
the intensities of the bands at 600 cm. suggest that these 
are due to the presence of uncoordinated pyridine in the 
molecules themselves.
D. Conductance Measurements.
The purpose of obtaining conductance measurements 
on the complexes was to obtain further information, in addi­
tion to the infrared spectral data, on the nature of the 
nitrate groups in the complexes. If the nitrate groups are 
coordinated to the metal atom, the complexes should behave 
as non-electrolytes. On the other hand, 1:1 or 1:2 electro-
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lyte behavior would be expected if ionic nitrates were 
present, depending on whether one or both nitrate groups 
were ionic. Since the infrared data indicated that the 
nitrate groups were coordinated, it was expected that the 
complexes would behave as non-electrolytes. However, the 
copper(II) nitrate complexes in DMF solution showed conduc-
o r
tance values (Table V) typical of 1:2 electrolytes. Indi­
cations were, however, that extensive solvolysis of the com­
plexes occurred in this solvent because the copper(II) 
complexes, which range in color from blue to purple, gave
yellow solutions in DMF. This is not to surprising in view
37of the fact that DMF is a good polar solvent (e = 37) and
is also well known for its ability to coordinate. A similar
effect has been observed for the analogous pyridine N-oxide
complex. Dinitratobis(pyridine N-oxide)copper(II),
[Cu^^H^NO^^Og^il > gave an unexpected high conductivity
in DMF even though the infrared spectrum indicated that the
J 38nitrate groups were coordinated in the solid state. Ex­
tensive solvolysis of the complex yas suggested as the 
reason. Because of this effect in DMF, the conductances of
the copper(II) complexes were measured in nitromethane which
39is also a good polar solvent (e = 35) , but whose ability
to coordinate is less than that of DMF. The measured con­
ductances in nitromethane are much lower than would be ex­
pected for electrolytes. The values are, however, somewhat 
higher than would be expected for true non-electrolyte behav­
ior. There are indications that some solvolysis of the 
copper(II) complexes occurs in this solvent also. The copper 
(II) compounds yield initially blue solutions in nitromethane 
but the solutions slowly turn green upon standing. Studies 
in this laboratory on the dipyridine complex (Table VI) 
showed that this color change is accompanied by an increase
39
in conductance. It is concluded from these experiments that 
the copper(II) complexes are non-electrolytes and thus con­
tain coordinated nitrate groups, but are readily susceptible 
to solvolysis.
The conductance measurements on the nickel(II) and 
cobalt(II) complexes in nitromethane (Table V) gave results 
similar to those obtained for the copper(II) complexes in 
this solvent. The conductance values are low, indicating 
that the complexes are non-electrolytes^’^ ,  but they are 
somewhat higher than expected for true non-electrolyte be­
havior. As in the case of the copper(II) complexes,.there 
are indications that the nickel(II) and cobalt(II) complexes 
also undergo solvolysis in this solvent. The cobalt(II) 
complexes, give initially pink solutions in nitromethane but 
these solutions slowly turn orange on standing. The nickel- 
(II) solutions do not show any visible changes on standing, 
but studies have shown that the conductance of the tripyri­
dine complex [Ni(pyr)^(NO^)^]> increases slowly with time 
(Table VI). It is concluded that the nickel(II) and cobalt- 
(II) complexes are non-electrolytes and thus contain coordi­
nated nitrate groups. These results are consistent with 
those obtained from the infrared spectra of the complexes.
E. Magnetic Measurements.
1. Copper(II) Nitrate Complexes.
Magnetic susceptibilities are very often extremely 
useful in assigning configurations to transition metal com­
plexes. However, this is not the case for copper(II) com­
plexes. The two likely configurations for copper(II), i. e., 
square planar and octahedral, both have one unpaired electron, 
and the values obtained for the magnetic susceptibilities 
(Table VII) do not permit differentation between these 
possibilities.
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2. Nickel(II) Nitrate Complexes.
Planar nickel(II) complexes can be readily distin­
guished from octahedral or tetrahedral nickel(II) on the 
basis of magnetic susceptibilities. Planar nickel(II) com­
plexes are diamagnetic having all electrons paired, whereas 
the tetrahedral and octahedral configurations will show 
paramagnetism corresponding to two unpaired electrons. The 
average values of 3.21 B. M. and 3.34 B. M. (Table VII), ob­
tained for the tri- and hexapyridine nickel(II) complexes, 
respectively, correspond to the presence of two unpaired 
electrons and eliminate the planar configuration for these 
complexes.
It is also possible to distinguish between tetra­
hedral and octahedral configurations for nickel(II) com­
plexes on the basis of magnetic susceptibility even though 
both configurations have two unpaired electrons. The mag­
netic susceptibility calculated from the spin only formula
1/2
ueff = [n(n + 2 )] (n = no. of unpaired electrons) for a 
metal ion having two unpaired electrons is 2.83 B. M. Ex­
perimentally, one always observes values that are larger 
than this calculated value for divalent nickel. The reason 
is that the formula takes into consideration only contri­
butions from the spin angular momentum of the electrons and 
does not consider contributions from the orbital angular 
momentum of the electrons. If orbital angular momentum con­
tributions are included by use of the formula ue££ =
1/2
[4S(S + 1) + L(L + 1)] (S = total spin angular momentum of
the ion; L = total orbital angular momentum of the ion), a
42
value of 4.46 B. M. is calculated. The values observed 
experimentally for divalent nickel are always intermediate 
between the spin only moment (2.83 B. M.) and the value which 
takes into account complete orbital angular momentum (4.46
41
B. M.). Intermediate values are observed because some 
quenching of the orbital angular momentum occurs. Theoreti­
cal calculations have shown that greater quenching of the 
orbital angular momentum should occur for the octahedral 
configurations for nickel(II) than for the tetrahedral con­
figuration, and thus it is predicted that octahedral
nickel(II) complexes should show lower magnetic moments than
42
tetrahedral nickel(II) complexes. The calculated values 
are 3.4 B.M. for the octahedral configuration and 3.5-4.1
B. M. for the tetrahedral configuration. These predictions 
have been verified by a large number of workers who have ob­
served magnetic moments of 3.0-3.4 B. M. for octahedral
nickel(II) complexes and 3.5-4.2 B. M. for tetrahedral
13 19
nickel(II) complexes. * The average values of 3.21 B. M. 
and 3.34 B. M. for the tri-and hexapyridine nickel(II) com­
plexes respectively are consistent with octahedrally coordi­
nated nickel(II). Octahedral configurations are therefore 
assigned to these complexes in the solid state.
3. Cobalt(II) Nitrate Complexes.
Cobalt(II) forms almost exclusively only tetrahedral 
and octahedral complexes. These complexes are usually spin 
free having a quartet ground state corresponding to three 
unpaired electrons. In the presence of a very strong ligand 
field a doublet ground state having one unpaired electron is 
possible, but this is highly unusual, and since the magnetic 
data (Table VII) shows the presence of three unpaired elec­
trons, this possibility is eliminated. For cobalt(II) 
having three unpaired electrons, the spin only formula pre­
dicts a value of 3.88 B. M. If total orbital angular momen­
tum is included a calculated value of 5.70 B. M, is obtained.
42
Experimentally, magnetic moments intermediate between these
values are obtained. This is due, as in the case of nickel-
(II), to partial quenching of the orbital angular momentum.
Calculations have shown that tetrahedral cobalt(II) should
have less orbital angular momentum contribution to the
42
magnetic moment that octahedral cobalt(II). The calcula­
ted values are 4.5 B. M. for the tetrahedral configuration 
and 4.7-5.1 B. M. for the octahedral configuration. These 
predictions have been well verified by experiments. The 
values observed are 4.1-4.7 B. M. for tetrahedral cobalt(II) 
and 4.5-5.2 B. M. for octahedral cobalt(II). Examples of 
these differences in magnetic moments for octahedral and 
tetrahedral cobalt(II) complexes can be seen in reference 
43. The average value obtained for the hexapyridine com­
pound is 5.13 B. M. From this value an octahedral config­
uration can be unambiguously assigned to the hexapyridine 
complex. For the tripyridine complex an average magnetic 
moment of 4.60 B. M. has been obtained. This value falls in 
the range where the values observed for octahedral and tetra­
hedral cobalt(II) complexes overlap and, therefore, an 
assignment of configuration based on the magnetic moment is 
difficult. Inspection of the literature, however, shows
that octahedral cobalt(II) nitrato complexes have magnetic
13 31 3 A A /«
moments consistently in the range of 4.55-4.65 B. M. ’ 5 ’
The observed average value of 4.60 B. M. for the tripyridine 
cobalt(II) complex is, therefore, assigned as resulting 
from octahedral configuration for this complex.
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F . Electronic Spectra.
The purpose of obtaining visible and near-infrared 
spectra of the complexes was to obtain information, in 
addition to the magnetic susceptibility data, to enable the 
assignment of configuration to the complexes. Theoretical 
considerations of spectral transitions for transiton metal 
complexes have been sufficiently advanced, in many cases, 
to enable the assignment of configuration based on.the 
electronic spectra.
1. Copper(ll) Nitrate Complexes.
The two most likely configurations for copper(II) 
complexes are the planar and octahedral configurations and, 
therefore, only these will be considered in this discussion. 
Divalent copper has a doublet ground state which is split 
into two doublet states in the presence of an octahedral 
(cubic) field. This scheme is shown below.
Free Ion Cubic Field Tetragonal Field
44
However, the Jahn-Teller theorem predicts that a perfect 
octahedral configuration for copper(Il) is necessarily un­
stable and that a tetragonal distortion of the octahedron
45
must take place. This distortion usually involves the 
elongation of the octahedron along one of the axes. This 
prediction has often been verified experimentally. The
tetragonal distortion results in a further splitting of the
2 2 
E ground state and the upper T 2 state as shown in the 
S §
preceeding scheme. Three transitions are therefore expected
for distorted octahedral copper(II) complexes, one from the 
2B^g ground state to each of the excited states.
In the case of planar copper(Il), one can imagine a 
planar structure as resulting from a large tetragonal dis­
tortion of an octahedral structure. Because of this rela­
tionship between planar copper(II) and distorted octahedral 
copper(II), the energy scheme obtained for planar copper(II) 
is very similar to that given for the tetragonal case. 
Therefore, three transitions are predicted for planar copper- 
(II) complexes also. Because of similar energy level dia­
grams* it has not been possible to distinguish between octa­
hedral and planar copper(II) complexes on the basis of their 
electronic spectra.
In any event, three transitions are predicted for 
each configuration. Experiments have shown that three ab­
sorption bands are sometimes observed but in many cases only 
two bands or one broad band are observed. The spectra of 
the solid copper(II) complexes (Figure 3 and Table VIII) show 
three distinct absorption maxima for the 2  solvate, whereas 
the 4 and 6  solvates show only two absorption maxima. The 
spectra of the copper(II) complexes in chloroform solution 
(Figure 6  and Table VIII) show only broad absorption bands 
with only one absorption maxima. As was mentioned previously,
45
it is not possible to distinguish between the possible con­
figurations on the basis of this information.
2. Nickel(II) Nitrate Complexes.
The possibility of planar configuration for the 
nickel(II) complexes has been eliminated on the basis of 
the magnetic data. Therefore, only the octahedral and tetra­
hedral configurations will be considered here. Divalent
3 3nickel has a F ground state plus an additional P excited
3
state. In the presence of an octahedral field the F state
is split into three triplet states whereas the excited state
is not split. The triplet states in order of increasing
energy are: 3 A 2 g (F), 3 T2g(F)- ^ l g 0 0 ’ and 3 llgCp ) - 4 6 ’ 4 7
In the presence of a tetrahedral field the ^F ground state
is also split into three energy levels but the order of these
levels is reversed with respect to those for the octahedral
3
case. The order of the levels in increasing energy is T., (F) ,
3 3 3 46 47
T 2 (F), A 2 (F), and T^(P). ’ Therefore, three triplet-*
triplet transitions are expected for both configurations and, 
in addition, some spin-forbidden triplet-*singlet transitions 
are also possible. The spectra of octahedral nickel(II) com­
plexes have been the most intensely studied of all the 
transition metals and the observed transitions have agreed
excellently with those predicted theoretically. The observed
48
triplet-*triplet transitions occur in the following ranges.
3 A 2  (F) -> 3 T 2 g 0F) 1250-900 m ji
3 A 2 g (F) 3 T lg(F) 670-525 m yy
3 A 2 g (F) -*• 3 T lg(P) 400-345 m M
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The interpretation of the electronic spectra of tetrahedral
nickel(II) complexes in light of the theoretical predictions
has not been very successful. However, it has been observed
that the spectra of tetrahedral nickel(II) complexes are
significantly different from those of octahedral complexes
with respect both to position of the absorption bands and
9 50to the intensities of the bands. 5
The spectra of the solid tri- and hexapyridine com­
plexes indicate that the solid complexes are octahedral.
The spectra show three strong absorption bands. These appear 
at 810-1350, 610, and 395mja for the tripyridine complex and 
at 1020-1350, 610, and 375 mji for the hexapyridine complex 
(Figure 4 and Table VIII). These bands fall in the ranges 
of the triplet-^triplet transitions observed for other octa­
hedral nickel(II) complexes. The spectra also show the 
presence of two weak bands at 760 and 710 mp. There are 
two reasonable explanations for the presence of these weak 
bands. One is that the bands are due to triplet^-singlet
transitions which are known to occur in octahedral nickel-
48(II) complexes. Another possibility is that these weak
11 51
absorption bands are due to large tetragonal distortions. 5 
The visible spectra of the nickel(II) complex in 
chloroform and dichloromethane solution (Figure 7 and Table 
VIII) indicate that the complexes yield octahedral species
in these solvents. The two bands observed are consistent
3 3 3 3
with the transitions A 2 g(F) (F) and ^ ^ F  -* T^g(p)
observed for other octahedral nickel(II) complexes. The ex­
tinction coefficients for these absorption bands are also 
consistent with the assignment of octahedral species in 
s o l u t i o n . T e t r a h e d r a l  nickel(II) complexes show elec­
tronic spectra whose absorption bands have extinction coef­
ficients considerably larger than those observed here.
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3. Cobalt(II) Nitrate Complexes.
4 4
Divalent cobalt has a F ground state and a P ex­
cited state and there are also several excited doublet
states. In the presence of octahedral or tetrahedral fields, 
4
the F state is split into three quartet energy levels. The
4
energy levels in order of increasing energy are: Tn (F),
A A 4 ^
T2 g(F), A 2 g(F), and T^g(P) f°r the octahedral field; and
^^(F), ^^(F), ^T^(F), and ^T^(P) for the tetrahedral field. 
Three quartet->quartet transitions are therefore expected for 
cobalt(II) complexes in either octahedral or tetrahedral con­
figurations. Various investigations on octahedral cobalt(Il) 
complexes have verified these predictions. The following
assignments have been made for the octahedral case. The 
4 4
T-, (F)-* T 9  (F) transition occurs between 1500 and 1100 np
•*-§ 4 4
and is of varying intensity; the T^g(F)^- A 2 g(F) transition
occurs between 625 and 555 mp with a weak intensity and is
4 4
often not observed; and the (F)-* Tig(p) transition
occurs between 580 and 475 nya, usually as a doublet band
with an intensity larger than that of the other two transi- 
33 52 53
tions. ’ ’ The interpretation of the electronic spectra
of tetrahedral cobalt(II) complexes with respect to the
theoretical predictions has not been quite so successful.
The first transition, A 9 (F)-»-T9 (F) , has not been unambigu-
4 /i ^
ously assigned. However, the A 2 (F)^ T^(F) and A 2 (P)
transitions occur at 2200-1280 mp and 770-620 mp respec-
tively.
The spectra of the solid cobalt(II) nitrate com­
plexes show strong doublet absorption bands having maxima 
at 530 mp and shoplders at 480 mp (Figure 5 and Table VIII).
The position of these absorption bands and the fact that
4 4
they are doublets are consistent with the T^ (F)-* T^ (P)
48
transition observed for other octahedral cobalt(II) com­
plexes. The spectra cannot be interpreted on the basis of 
a tetrahedral configuration. The spectrum of the tripyri­
dine complex also shows weak absorption bands at 625, 710, 
and 890 mp, whereas that of the hexapyridine complex shows 
weak bands at 625 and 710 mp. The spectrum of this latter 
complex appears to have additional bands above 710 cqp but 
these are too weak to resolve with certainty. It seems
reasonable to assign the bands at 625 mp for the two com- 
4 4
plexes to a (F)-* ^gCF) transition. The additional
bands at 710 and 890 mp for the tripyridine complex and at
710 mp for the hexapyridine complex are probably due to
quartet-doublet transitions or to tetragonal distortions
of the molecules which would result in further splitting of
the quartet energy levels. There should be an additional
band above 1 0 0 0  mp in the spectra of the complexes corres- 
4 4
ponding to a T^g(F)-> ^gC^) transition. It is assumed 
that failure to observe this band is due to a very low 
intensity.
The positions of the doublet bands in the visible
spectra of the cobalt(II) complexes in chloroform and di-
chloromethane (Figure 8  and Table VIII) are consistent with
octahedral configurations for the species in these solvents.
The observed molar extinction of these absorption bands
require some comment, however. The molar extinction for the 
4 4T^g(F)-> A^g(F) transition for octahedral cobalt(II) com­
plexes is usually in the range of 30-80. The absorption 
maxima of the hexapyridine complex in chloroform and di- 
chloromethane have extinction coefficients within this range. 
The tripyridine complex, however, shows absorption maxima 
with higher extinction coefficients of 135 and 157, in chloro­
form and dichloromethane respectively. These are unusually
49
high for octahedral cobalt(II) complexes. Even so, it is 
still suggested that the tripyridine complex yields octa­
hedral species in these solvents because tetrahedral cobalt-
(II) complexes show absorption maxima whose extinction co-
55-57efficients are consistently greater than 300. It must
be pointed out that successful correlation of the observed 
electronic spectra with that predicted by theory for octa­
hedral cobalt(II) complexes has been realized by the inves­
tigation of complexes having regular or nearly regular 
octahedral configurations. For irregular octahedral ar­
rangements comparable success cannot be expected and it is 
difficult to imagine the octahedral complex [Co(pyr)^(NOg)^ 
as having anything but a highly irregular octahedral con­
figuration. This could very well account for the high ex­
tinctions coefficients obtained from the solution spectra 
of this complex. Large extinction coefficients that have 
been observed for octahedral nitrato cobalt(II) complexes
of phosphine and arsine oxides have been attributed to a
34large deviation from perfect cubic symmetry.
G. Continuous Variations Studies.
It was mentioned previously that it was not possi­
ble to interpret the results obtained from these experi­
ments . It was suggested that the reason for this was the 
complexity of the pyridine-copper(II) nitrate system in 
methanol. This suggestion seems reasonable in the light of 
the previous discussion of the experimental results. In 
addition to having coordinated pyridine molecules, it has 
been shown that the nitrate groups are also coordinated in 
the complexes. It has also been shown that the nitrato com­
plexes are susceptible to solvolysis by reasonably good 
polar solvents. Methanol has a dielectric constant ( e  =
50
32.6) comparable to those of DMF and nitromethane. Further­
more, it has been shown that methanol can coordinate to 
58
metal ions. Therefore, it seems reasonable to assume that 
the system would be very complex because of the presence of 
three species having the ability to form coordinate bonds,
i. e., pyridine, nitrate, and methanol. It is also reason­
able to assume that the nature of the species formed would 
be dependent upon the concentrations of the various reagents.
H . Structure of the Complexes.
Throughout this manuscript the formulas of the com­
plexes have been illustrated with brackets included to de­
note the coordinated species. For example, the tripyridine 
nickel(II) nitrate complex has been represented as 
[Ni(pyr)^(NO^)2  ^ indicating nickel(II) coordinated to three 
pyridine molecules and two nitrate groups. The reasons for 
these formulations are now presented and liberal use of the 
conclusions arrived at in the previous discussions will be 
made here.
1. Copper(II) Nitrate Complexes in the Solid State.
a. The Tetrapyridine Complex.
The infrared spectrum and conductance data for the 
4 solvate show that the nitrate groups are coordinated in 
this compound. The infrared data also indicates that all 
the pyridines are coordinated. The complex is therefore 
assigned an octahedral structure having monodentate nitrate 
groups and is represented as [Cu(pyr)^(N0 g)2 l•
b . The Hexapyridine Complex.
The infrared spectrum and conductance data for this 
compound show that the nitrate groups are coordinated. The 
infrared spectrum also shows the presence of both coordinated 
and uncoordinated pyridine. This compound is therefore
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assigned an octahedral configuration having monodentate 
nitrate groups and is formulated as [Cu(pyr)^(N0 g)2 ]*2 pyr, 
dinitratotetrakis(pyridine)copper(II) dipyridine.
Other experimental evidence also supports this form­
ulation for the 6  solvate. The ease of loss of two moles of 
pyridine at 34°C from the 6  solvate suggests that two mole­
cules of pyridine exist as crystal pyridine and are not in­
volved in coordination. The visible spectra of the 4 and 6  
solvates in chloroform (Figure 6 ) are identical within ex­
perimental error indicating that the coordinated species is 
the same for these two solvates in this solvent.
The reflectance spectra of the 4 and 6  solvates 
(Figure 3) have similar shapes. However, the maximum in the 
spectrum of the 6  solvate (575 mp) is at a slightly higher 
wavelength than that of the 4 solvate (550 mp). It is not 
felt that this is an indication of different coordinated 
species for the two solvates. The presence of two moles of 
crystal pyridine in the 6  solvate would be expected to have 
an effect on the ligand field about the copper atom even 
though these two molecules were not involved in coordination. 
These effects are well known. For example, the complexes 
hexakis(pyridine N-oxide)copper(II) nitrate,
[Cu(C^H^N0)g](N0^)2j and hexakis(pyridine N-oxide)copper(II) 
perchlorate, [Cu(C^H^NO)g] (ClO^^, both have copper atoms 
octahedrally coordinated to six pyridine N-oxide molecules 
and yet show different absorption maxima due to the presence 
of different anions.
The coordination of two nitrate groups in preference 
to two pyridine molecules in the 6  solvate might be unexpec­
ted in view of the fact that the coordinating ability of 
pyridine (Dq - 1025 cm. ^) is greater than that of the 
nitrate group (Dq = 801 cm. ). The reason is most likely a
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steric one. Molecular models show that an octahedral ar­
rangement of six pyridine molecules about a metal atom is 
sterically unfavorable. Furthermore, although there are 
several hexapyridine complexes of various copper(II) salts 
reported in the literature, there is no evidence that these 
contain copper coordinated to six pyridine molecules, 
[Cu(pyr)6 J2+.
c. The Dipyridine Complex.
The infrared spectrum and conductivity data for the 
2  solvate allow the assignment of coordinated nitrate groups 
to this complex. The compound is therefore formulated as 
[CuCpyr^CNO^^] > dinitratobis(pyridine)copper(II) .
The two reasonable configurations for this complex 
are a planar structure having monodentate nitrate groups or 
an octahedral structure having bidentate or bridging nitrate 
groups. As was mentioned previously, the magnetic and 
electronic spectral data do not allow differentiation be­
tween these possible configurations.
The infrared spectrum of the compound does allow 
some tentative conclusion to be made about the nature of 
the 2 solvate. It is noticed that in going from the 4 and 
6  solvates to the 2  solvate, is shifted to a higher 
frequency and is shifted to a lower frequency. Specifi­
cally, is shifted from ca. 1400 cm.  ^ to 1477-1468 cm. ^ 
and is shifted from ca. 1300 cm. ^ to 1282-1268 cm.~^.
Such an increase in the splitting of the and frequen­
cies has been related to a transition from a monodentate
35 59nitrate to a bidentate or bridging nitrate. ' ’ Buffagni,
13 19et. al. ’ , have observed a larger splitting of the
and frequencies for bidentate nitrates than for mono­
dentate nitrates in lutidine complexes of nickel(II) nitrate. 
The splitting of the absorption frequency of the carbonate
53
group is larger for a bidentate carbonate than for a mono-
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dentate carbonate. Because of the same symmetries of the 
carbonate and the nitrate groups, the same effect would be 
predicted for a transition from a monodentate nitrate to a 
bidentate nitrate. Therefore, it is tentatively concluded 
that the larger splitting of the and frequencies ob­
served for the 2  solvate is due to the presence of bidentate 
or bridging nitrate groups. The extensive solubility of the 
2  solvate in chloroform and dichloromethane, solvents which 
do not appear to coordinate, suggest a monomeric structure. 
The complex is therefore tentatively assigned an octahedral 
structure having bidentate nitrate groups.
It may be significant that the shape of the spectral
curve for the 2 solvate (Figure 3) is very similar to that
of the corresponding pyridine N-oxide complex, dinitratobis-
(pyridine N-oxide)copper(II), to which has been assigned an
15octahedral structure having bidentate nitrate groups.
Finally, the average value of 1.99 B. M. for the 
magnetic moment of the 2  solvate is significantly higher 
than those usually observed for copper(II) complexes. It 
has not been possible to interpret the significance of this 
observation.
2. Copper(II) Nitrate Complexes in Solution.
Any discussion about the nature of the copper(II) 
complexes in solution must be regarded as only tentative 
but some conclusions can be drawn. This also applies to 
ensuing discussions about the nickel(II) and cobalt(II) 
complexes in solution.
The infrared spectra of the 4 and 6  solvates in 
chloroform indicate that the nitrate groups remain coordi­
nated in this solvent. It is therefore suggested that the 
nature of the coordinated species for the 4 and 6  solvates
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does not change upon dissolution in chloroform. The infra­
red spectrum of the 2  solvate in chloroform indicate that 
the nitrate groups are coordinated. The spectrum also shows 
that the positions of the and frequencies are not 
significantly changed from those of the solid state spectrum. 
Therefore, it is concluded that the 2 solvate remains es­
sentially intact in chloroform.
3. Nickel(II) Nitrate and Cobalt(II) Nitrate Complexes 
in the Solid State.
a. The Tripyridine Complexes.
The magnetic susceptibilities and electronic spectra 
of the solid tripyridine complexes indicate octahedral con­
figurations for these complexes. The infrared spectra and 
the conductance data show that the nitrate groups are coord­
inated. The infrared spectra also show that all the pyridine 
molecules are coordinated. The octahedral complexes are 
thus designated as [ N ^ p y r^CNOg^l , dinitratotris(pyridine)- 
nickel(II), and [Co(pyr)g(N0 g)2 l> dinitratotris(pyridine)- 
cobalt(II), having both monodentate and bidentate nitrate 
groups. Other possible structures are octahedral polymeric 
arrangements having one of the nitrate groups functioning 
as a bridging group, but it is felt that the solubility of 
these complexes in chloroform and dichloromethane favors the 
monomeric formulations. It was mentioned previously that 
Rosenthal and Drago"^ have recently reported their work on . 
the complex dinitratotris(pyridine)nickel(II). The con­
clusions drawn in the present investigation on the nature




b . The Hexapyridine Complexes.
The magnetic and spectral data are consistent with 
octahedral configurations for the 6  solvates of nickel(II) 
and cobalt(II) nitrate. The conductance data and the infra­
red spectra show that the nitrate groups are coordinated in 
these complexes. The infrared spectra also show the presence 
of both coordinated and uncoordinated pyridines. This 
evidence leads to two reasonable formulations. These are 
[M(pyr)3 (N03)2] *3pyr and [M(pyr)^(NC>3 )2 ]'2pyr (M ■= Ni or Co). 
Both hexapyridine complexes readily lose three moles of 
pyridine at room temperature to yield the corresponding tri­
pyridine complexes. This suggests that three moles of 
pyridine exist as crystal pyridine and are not involved in 
coordination. Furthermore, the electronic spectra (Figures 
4 and 5) of the solid hexapyridine complexes are essentially 
the same as those of their respective tripyridine complexes, 
indicating the same coordinated species for the tri- and 
hexapyridine compounds. It is concluded, therefore, that 
the hexapyridine compounds are correctly formulated as 
[M(pyr)3 (N03)2] *3pyr.
The coordination of only three moles of pyridine in
these complexes is somewhat surprising. The fact that the
complexes do not contain metal atoms coordinated to six
pyridines, [M(pyr)fi](NOo)9, was not unexpected since the
2+
species [M(pyr)^] represents a sterically unfavorable 
situation. However, it is difficult to understand why 
species of the type [M(pyr)^(N03)2] were not formed since 
pyridine is a better ligand than nitrate and since numerous 
nickel(II) and cobalt(II) complexes of the type 
[M(pyr)^Xp] are known.
4. Nickel(II) Nitrate and Cobalt(II) Nitrate,Complexes
in Solution.
As discussed previously, the visible spectra of 
[Ni(pyr)3 (N03)2] and [Co(pyr)3 (N0 3)2] in chloroform and di­
chl orome thane show that the complexes yield octahedral 
species in these solvents. The spectrum of [Ni(pyr)3 (NQg)2] 
in chloroform is essentially identical to that in dichloro- 
methane indicating that the same species is formed in both 
solvents. The same conclusions are drawn for the cobalt(II) 
complex. The infrared spectra of the complexes in chloroform 
show that the nitrate groups are coordinated. The tripyri­
dine complexes, therefore, yield octahedral species having 
coordinated nitrate groups in these two solvents. It has 
been shown that [Ni(pyr)3 (N03)2] loses a mole of pyridine in
dichloromethane to form octahedral [Ni(pyr)9 (N0o)9] having
11bidentate nitrates. From the identity of the visible 
spectra in chloroform and dichloromethane, it is concluded 
that the nickel(II) complex undergoes a similar reaction in 
chloroform. It must also be concluded that [Co(pyr)3 (N03)2] 
either remains intact in these two solvents or undergoes a 
reaction analogous to the nickel(II) complex.
It has been reported that the electronic spectrum of
[Ni(pyr)»(N0o)9J in dichloromethane is not affected by the
11addition of pyridine to the solution. The results ob­
tained here are in contradiction to this observation. The 
addition of pyridine to solutions of [Ni(pyr)3 (NO^)2] in 
chloroform and dichloromethane results in a slight but 
definite shift of the absorption maxima to lower wavelengths 
(Figure 7 and Table VIII). The spectra with added pyridine 
are identical to those of the hexapyridine complex in these 
two solvents. These shifts in the absorption maxima are 
what would be expected for the substitution of pyridine
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(Dq = 1025 cm. for nitrate (Dq = 801 cm. in the co­
ordination sphere. However, the infrared spectrum of the 
hexapyridine complex in chloroform indicates that the 
nitrate groups remain coordinated. It is suggested, there­
fore, that in the two solvents the hexapyridine complex 
forms [Ni(pyr)^(NO^)2 ] i-n which a bidentate nitrate has 
become monodentate by substitution with a pyridine molecule. 
The spectra of the hexapyridine complex in these solvents 
is not affected by the addition of excess pyridine.
Similar observations were made for the cobalt(II) 
complexes. The absorption maximum of [Co(pyr)^(NO^)2  ^
chloroform and dichloromethane is shifted to a lower wave­
length upon addition of pyridine with a corresponding large 
decrease in the extinction coefficient (Figure 8  and Table 
VIII). The spectra of these solutions closely resemble 
those of the hexapyridine complex both as to position of 
the absorption maximum and as to the magnitude of the molar 
extinction coefficient. The .shift of the absorption maximum 
to shorter wavelengths would be expected for the substitu­
tion of pyridine for nitrate in the coordination sphere.
The infrared spectrum of the hexapyridine complex in chloro­
form, however, shows that the nitrate groups remain coordi­
nated. Therefore, as in the case of the analogous nickel(II) 
complex, it is suggested that the hexapyridine cobalt(II) 
complex yields [Co(pyr)^(N0 g)2 ] in chloroform and dichloro­
me thane .
The decrease in the molar extinction coefficient 
upon the addition of pyridine to the solutions of the tri­
pyridine complex also agrees with the formulation of an octa­
hedral species having four coordinated pyridine molecules.
It was assumed previously (cf. p. 49) that the large ex­
tinction coefficients obtained from the solution spectra of
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[Cc^pyrOgCNO^^] were due to a large deviation from cubic
symmetry. The species [Co(pyr)^(N0 g)2 ] would be expected
to approach cubic symmetry more closely than the tripyridine
complex. A smaller extinction coefficient at A would thenmax




The study of the complexes formed between pyridine 
and the anhydrous nitrates of copper(Il), nickel(II), and 
cobalt(II) has yielded the following results. Pyridine 
forms 2, 4, and 6  solvates with copper(II) nitrate; 3 and 6  
solvates with nickel(II) nitrate; and 3 and 6  solvates with 
cobalt(II) nitrate. The formation of a 2 solvate of nickel- 
(II) nitrate was also indicated.
Structural studies involving the use of thermogravi- 
metric analysis, infrared spectroscopy, conductance measure­
ments, magnetic measurements, visible spectroscopy, and 
near-infrared spectroscopy have led to the following assign­
ments to the complexes in the solid state.
[Cu(pyr)2 (1^ 0 3 )2 ) : An octahedral complex having bidentate
nitrate groups.
[Cu(pyr)^(NC>3 )2 ] : An octahedral complex having monodentate
nitrate groups.
[Cu(pyr)^(N0 g)2 ] *2pyr: An octahedral complex having mono­
dentate nitrate groups and containing two moles of crystal 
pyridine.
[Ni(pyr)g(N0 g)2 l: An octahedral complex having both a mono­
dentate and a bidentate nitrate.
[ N ^ p y ^ ^ N O ^ ^ l ' 3 p y r :  An octahedral complex having both a
monodentate and a bidentate nitrate and containing three 
moles of crystal pyridine.
[Co(pyr)3 (N0 g)2 l *• An octahedral complex having both a mono­
dentate and a bidentate nitrate.
[ C o ( p y r ) * 3 p y r :  An octahedral complex having both a
monodentate and a bidentate nitrate and containing three 
moles of crystal pyridine.
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Figure 1.- Isothermal decomposition of dopper(II) nitrate complexes
o\












Figure 2.- Isothermal decomposition of nickel(II) and cobalt(II) 
hexapyridine complexes. A, [NiCpyr^CNO^^l *3pyr at 25pCi: B,
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Figure 5.- Reflectance spectra of cobalt(II) nitrate complexes. 










































[NiCpyr^CNOg^] *3pyr, 1.669 x 10 M: -----
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Figure 8 .- Visible spectra of cobalt(II) nitrate complexes in
-2dichloromethane. [Co(pyr)3 (N03)2] *3pyr, 1.065 x 10 M    -
 ; ECo(pyr)3 (N03 )2 ]-3pyr + pyr, 1.060 x 10~ 2  M  ;
[Co(pyr)3(N03)2] , 7.291 x 10"3 Mf— ; [Co(pyr)3(N03)2] + pyr, 
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Figure 9.- Visible spectra of solutions of copper(II)
nitrate and pyridine in methanol having the quoted molar
ratios of copper(II) nitrate to pyridine.
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Table I
Some Properties of the Metal Nitrate-Pyridine Complexes
Compound Color Decomp. temp
[Cu(pyr)4 (N03)2] *2pyr purple 34°C
[Cu(pyr)4 (N03)2] violet 76°C
[Cu(pyr)2 (N03)2] light blue 160°C
[Ni(Pyr)3 (N03)2] blue 90°C
[Ni(pyr)3 (N03 )2 ]-3pyr light b^ue -25 °C
[Co(pyr)3 (N03)2] rose 85°C
[Co(pyr)3 (N03)2] *3pyr pink -25°C
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Table II




[Ni(pyr) 3 (no3 ) 2
"d’\  A 0 I/Io "d'\ A° I/Io
8.37 1 0 0 8.62 70
7.71 1 0 8  * 1 2i 2
7.26 2 0 7.63 90
6 . 2 1 40 7.23 1 0 0
5.92 1 0 5.72 5
5.71 2 0 5.39 5
5.41 2 5.04 40
5.07 3 4.75 55
4.83 80 4.55 2
4.57 3 4.36 40
4.28 65 4.26 65
4.13 15 4.11 1 0 0
3.98 75 3.98 2
3.75 40 3.81 1 0
3.59 1 0 3.71 55
3.46 40 3.55 45
3.36 1 0 3.39 55
3.26 35 3.28 2 0
3.15 5 3.19 2 0
3.02 1 0 3.01 1
2.95 1  ^ 2.94 1
2.85 40 2.82 1 0
2.74 1 0 2.75 5
2.69 15 2.69 15
continued
Table II. contd. 

















X-ray Powder Diffraction Data for Pyridine-Cobalt(II)
Nitrate Complexes
[Co(pyr) 3 (no3)2] [Co(pyr) 3 (no3)2]
"d", A° I/Io " d" , A 0 I/Io
9.13 3 9.25 3
8.43 1 0 0 8.54 2 0
6.23 80 8 . 2 2 1 0 0
5.75 80 7.61 30
5.34 2 6.32 1 0
4.86 90 6.05 1 0
4.56 1 0 5.68 15
4.37 85 4.93 25
4.22 1 0 4 . 7 1 50
3.98 90 4.50 25
3.74 45 4.30 45
3.60 40 4.13 1 0 0
3.44 70 3.99 ± 0
3.35 15 3.88 1 0
3.27 50 3.77 90
3.15 2 0 3.67 5
3.01 15 3.50 5
2 . 8 6 65 3.32 1 0
2.75 2 0 3.21 5
2.69 25 3.15 40
a
• • • 1 3.07 5
2.51 . 1 0 3.01 15
2.46 15 2.94 5
2.41 2 2 . 8 6 25
3pyr
^ i n e  was to weak and diffuse to read continued
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Table III contd.-
" d \  A° I/Io ”d" , A° I/Io
2.35 45 2.74 25
2.31 1 0 2 . 6 6 15
2.28 2 0 2.57 5
2.23 30 2.50 2 0
2.18 35 2.42 5
2 . 1 2 25 2.37 25
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Table IV













NO 2  asym. str. (v4)
1282-1268 vs, b
N0 2  sym. str. (vx)
( v 4 )
1024 m, shp;
NO str. (v2)
804 m, shp; 
nonplanar def. (v^) 
1482 s, b;
N0 2  asym. str 
1275 s, b;
N0 2  sym. str. (v^) 
1405 vs, b;
N0 2  asym. str.
1300 vs, b;
N0 2  sym. str. (v^) 
1028 m, shl;
NO str. (v2)
816 m, shp; 
nonplanar def. (v 
1390 vs, b;
<V
N0 2  asym. 
1300 vs, b;
str. (v4)
N0 2  sym. str. (v )
1400 vs, b;
N0 2  asym. str. (v^) 
1300 vs, b;












816 m, shp; 
nonplanar def. (v^) 
1400 vs, b;
N0 2  asym. str. (v^) 
1315 vs, b;
N0 2  sym. str. (v-^ ) 
1500 s , b;
N0 2  asym. str. (v^) 
1303 s, b;
N0 2  sym. str. (v^) 
1028 m, shp;
NO str. (v2)
810, 803 m, shp; 
nonplanar def. (v^) 
1440 vs, vbe;
N0 2  asym. str. (v^) 
1294 vs, vb;
N0 2  sym. str. (v^) 
1429 s, b;
N0 2  asym. str. (v^) 
1293 s, b;
N0 2  sym. str. (v-^ ) 
1030 s, shp;
NO str. (v2)
810 m, shp; 
nonplanar def. (v^) 
1435 vs, vbe;
N0 2  asym. str. (v^) 
1292 vs, vb;
N0 2  sym. str. (v^)
continued
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Table IV contd.- 
[Co(pyr)3 (N03)2] Mull
Chloroform






N0 2  sym. str. (v^) 
1028 m, shp;
NO str. ( v 2 )
810 m, shp; 
nonplanar def. (v^) 
1456 vs, vb6;
N0 2  asym. str. (v^) 
1295 vs, vb;
N0 2  sym. str. (v^) 
1474 s, b;





810 m, shp; 
nonplanar def. (v^) 
1455 vs, vb0;
N0 2  asym. str. (v^) 
1294 vs, vb;
N0 2  sym. str. (v )
s, strong; m, medium; v, very; shp, sharp; b, broad; 
shl, shoulder; sym., symmetric; asym., asymmetric; str.,
stretch; def., deformation. ^Assignments are according to
29 c d
Gatehouse, et. al. Absorption bands are doublets. Be­
cause of absorption due to chloroform, only the N0 2  stretch­
ing vibrations have been assigned to the spectra in this 





in DMF and Nitromethane at 25°C
Compounds Solvent
3
Cone. x 10 M
Molar
Conductance
[Sn(CgH 6 NO)2] DMF 1 . 0 2 0 2.3
[(ch3 )4 n]i DMF 1.030 8 8
[Cu(pyr)2 (N03)2] DMF 0.954 134
[Cu(pyr)4 (N03)2] DMF 1.034 145
[Cu(pyr)4 (N03 )2 ]-2pyr DMF 0.954 134
[Sn(C9 H 6 NO)2] ch3 no9- 1.004 4.4
[(ch3 )4 n]i ch3 no 2 1.114 118
[Cu(pyr)2 (N03)2] ch 3 no2 0.969 18
[Cu(pyr)4 (N03)2] ch 3 no2 1.008 26
[Cu(pyr)4 (N03)2] *2pyr ch3 no 2 0.994 32
[Ni(pyr)3 (N03)2] ch3 N° 2 1.005 1 2
[Ni(pyr)3 (N03)2] *3pyr ch3 no2 1.030 2 0
[Co(pyr)3 (N03)2J ch 3 no2 1.035 1 1
[Co(pyr)3 (N03)2] *3pyr ch3 no2 0.995 1 2
1 : 1  electrolytes DMF 1 70.-90
£
1 : 2  electrolytes DMF 1 135-17-5
1 : 1  electrolytes CH3N02
1 1 0 0 - 1 2 0
1 : 2  electrolytes^ ch3 no2 1 160-180i
Values for the molar conductivities of typical 1:1 and 1:2 
electrolytes in DMF were taken from reference 36.
k
Values for the molar conductivities of typical 1:1 and 1:2 




Conductivities of [Cu(pyr)2 (1*1 0 3 ) 2 1  and [Ni(pyr) ^ (NO^)2 1 
in Nitromethane at 25°C as a Function of Time
[Cu(pyr)2(N03)2],






















































Magnetic Data for the Metal Nitrate-Pyridine Complexes
Compound 1o6x 'm  ueff’ B<

















[Co(pyr)3 (N03)2] 8792 4.59
8842 4.60
8897* 4.62
[Co(pyr)3 (N03 )2 ]-3pyr 11159 5.16
10841 5.09
11158* 5.16





the Metal Nitrate--Pyridine Complexes
Compound Phase aA , mu max’ r
[Cu(pyr)2 (N03)2] Solid 640, 720(sh),
^900(sh)
chci3 645(53)
[Cu(pyr)4 (N03)2] Solid 550, ~900(sh)
chci3 700(69)
[Cu(pyr)4 (N03)2] *2pyr Solid 575, ^900(sh)
chci3 700(68)




CHCl3  + pyr 377(37), 607(16)
CH2 C l 2 381(38), 615(22)
CH2 Cl2  + pyr 377(38), 608(17)
[Ni(pyr)3 (N03 )2 ]-3pyr Solid 375, 610, W10(sh)
760, 1020-1350b
chci3 377(45), 607(20)
CHCl3  + pyr 377(50), 607(20)
CH2 C12 377(45), 608(19)
CH2 Cl2  + pyr 377(44), 608(21)




CHCl3  + pyr <v470(sh), 523(78)
CH2 Cl2 j ~470(sh), 527(157)
CH2 Cl2  + pyr ^470(sh), 523(81)





CHCI3  *470(sh), 522(75)
CHCl^ + pyr ~470(sh), 519(63)
CH2 C12  *470(sh), 522(82)
CH2 Cl2  + pyr ~470(sh), 519(67)
cl
Numbers in parentheses denote molar extinction coefficients
b cat A . Absorption bands are very broad. Bands above mdx
710 mu are too weak to resolve.
